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ELEMENTAL: THE CHARISMA 


OF CHEMISTRY 


Chemistry, more than any other science, is a 
confluence of the practical and the sublime. It’s best 
known in the first of these guises: as the prosaic 
source of the substances all around us, by which our 
lives are increasingly shaped for better or worse. We 
are apt, like ungrateful children, to take for granted 
the dyes that clothe us in fashionable and flattering 
shades, the artificial scents that hide our own, the 
medicines that relieve our aches and ailments, the 
tiny slices of high-tech semiconducting alloys in 
our smartphones. We grumble (and so we should, 
although not at chemistry) about the pollutants in our 
air and water, the plastics clogging our rivers and 
seas. Chemistry gives us the fabrics of our existence: 
polyesters and polycarbonates, touchscreens and 
batteries, non-stick pans and non-drip paint. We 
depend on its bounty but fear its baneful influence: it 
is both problem and cure, nemesis and savior. 

The chemical sublime is less familiar, but this 
book will introduce you to it. We will show some 
of the astonishing beauty that resides in chemical 
products and processes. This beauty too often 
passes unseen, or at least unacknowledged as 
chemical in nature. We can marvel at the delicacy 
of a snowflake, or the glory of a flower and its heady 
fragrance, while failing to realize that chemistry is at 


work here every bit as much as it is in oil refineries 
and pharmaceutical plants. 

There doesn’t seem to be a word for people who 
take delight in stuff, but there ought to be. We propose 
that they be called ousiophiles, from the Greek 
ousia, meaning essence or substance. Chemists are 
usually ousiophiles: they delight in tangible material, 
in texture and heft, in luster and pliancy. They want to 
touch and feel things, to smell and taste them. It’s in 
this impulse that a love of chemistry resides; people 
who have it are often drawn to study the subject. 

The Italian writer Primo Levi was undoubtedly an 
ousiophile. Levi wrote two particularly famous books, 
and one of them was The Periodic Table, a love letter 
to the primal substances, the elements, of chem- 
istry. The book’s title alludes to the iconic scheme 
used to arrange the chemical elements and which 
reveals the hidden order among them. Each chapter 
of Levi’s book is named after a chemical element— 
argon, hydrogen, zinc, iron, potassium, and more— 
and makes its titular substance a character in a story, 
generally drawn from an episode in Levi’s life. He 
revels in the materiality of these substances: chro- 
mium, mixed into an orange anti-rust paint in the 
factory outside Turin where Levi worked after the 
Second World War, or the “generous good nature of 


tin, Jove’s metal.” The Periodic Table brought a chem- 
ical sensibility to the notice of readers who might 
have remembered nothing from their school chemis- 
try lessons, not even the blocky format of the periodic 
table itself. 

Levi’s other famous book is /f This Is a Man, an 
account of the time he spent in the concentration 
camp at Auschwitz. There his knowledge of chemistry 
saved his life by making him eligible to work in the 
laboratory that served the Buna industrial plant, set 
up to make artificial rubber for the Nazi war effort. 
If it had not been for that assignment, it is unlikely 
Levi would have survived in Auschwitz during the 
harsh winter of 1944. Because he did, the world got 
to see this vital, harrowing, deeply humane account 
of atrocity. 


Ordering the elements 


To some chemists, the periodic table has almost 
the status of a catechism. Within its rows and 
columns of elemental symbols is encrypted much 
of what chemistry is about. It’s not just that these 
elements are the building blocks of the subject, the 
varieties of atom from which all the physical world is 
constructed. The shape and topography of the table, 
gathering together elements with shared chemical 
properties, reflect the principles that govern atomic 
unions, dictating how elements may be combined 
to produce all the beauty and richness, the hazards 
and surprises, of the chemical world. To the initiated, 
the location of carbon (say) hints at its role in living 
things, while it is because the alkali metals come 
first in each row of the table that the chemist knows 
they will be highly reactive, dangerous to the touch. 
By the same token, by ending each row the inert 
gases such as xenon and argon are granted their 
lack of reactivity. Levi used them as metaphors for 
the character of the Jews of Turin from whom he 
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was descended, alluding to their “attitude of dignified 
abstention.” 

The periodic table was internationally celebrated 
in 2019 to mark the 150th anniversary of its first 
appearance. (By coincidence this was also the 
centenary of Primo Levi’s birth.) In 1869 an early 
version of the table, sketchy and full of gaps, was 
unveiled by the Siberian chemist Dmitri Mendeleev. 
He was by no means the first to recognize that the 
chemical elements can be grouped into families in 
which all the members show similar behavior. And if 
Mendeleev had not discerned the way these groups 
fit together, others would surely have done so around 
the same time. But Mendeleev was almost alone in 
trusting this deep structure enough to leave gaps 
where he figured new elements, as yet undiscovered, 
should exist. Those gaps were filled in due course, 
and Mendeleev’s predictions about the properties of 
these missing elements were borne out. 

The periodic table of the chemical elements 
doesn’t self-evidently deserve the reverence that 
many chemists seem to feel for it. It’s not a terribly 
elegant structure. With its rows of elements rising 
to turret-like peaks at either end and the long block 
of elements (called the transition metals) in the 
middle, the shape resembles a somewhat ungainly 
modernist housing development. Besides, chemists 
aren’t even agreed today on exactly how the table 
should be drawn; there are still disputes about where 
some of the elements should be placed. 

All the same, the recognition of this hidden order 
among the profusion of elements implied that there 
are deeper principles that determine their chemical 
properties. It took a further half-century after 
Mendeleev’s publication to figure out what these 
principles are. 

A key part of that puzzle was supplied in 1916 
by the American chemist Gilbert Lewis, who argued 
that the chemical properties of the elements could 


be understood from the nature of the atoms of 
which they are composed. In the early years of the 
twentieth century, scientists discovered that atoms 
are not dense, featureless little balls of matter as 
had once been supposed, but have some internal 
structure composed from yet more fundamental 
particles. They have a very dense nucleus, which 
has a positive electrical charge and contains particles 
called protons (and also electrically neutral particles 
called neutrons, not discovered until 1932). Around 
the nucleus are arrayed much lighter particles called 
electrons, which have a charge equal in size but 
opposite in sign to that of the proton. Most of the 
atom is empty space; in one of the earliest pictures 
they were envisioned as tiny solar systems, with 
the nucleus as a kind of sun orbited by planetary 
electrons. This is too simplistic an image, but it was 
good enough to be useful for understanding how 
atoms of matter are constituted. 

Discovering the internal structure of atoms 
was no small feat. A carbon atom (say) is just 0.17 
millionths of a millimeter across, which is far too small 
to see inside with any microscope. It is not easy even 
to believe in objects so small; in the early twentieth 
century, some scientists (including Mendeleev) did 
not. But they do exist—we’re now certain of that. 

Lewis suggested that there is a “kernel” in each 
atom, made up of the nucleus plus some electrons, 
with a net positive charge equal to the number of the 
column in the periodic table in which it sits. In other 
words, elements in the first column (the alkali metals) 
have a kernel with a charge of +1, and so on. Around 
this kernel is a “shell” of as many electrons as are 
needed to balance out the charge. For the alkali 
metals, the shell has a single electron. 

Lewis proposed that this outer shell can contain 
up to 8 electrons: this maximum number is found in 
the inert gases. This idea makes some sense of the 
fact that (if you ignore the wide block of transition 


metals in the periodic table) there are eight columns 
in each row: the so-called “main block” elements. 

He proposed that the electrons can be thought 
of as sitting at the corners of a cube. Why a cube? 
That was simply a neat way to imagine the atom, 
since cubes have eight corners. Lewis didn’t want to 
suggest that atoms literally have this shape. When 
atoms join together to form chemical bonds—linking 
them into groupings called molecules—they can then 
be imagined (again, not literally) as cubes sharing 
corners or edges. The electrons at the shared 
corners are then assigned to both atoms, and each 
pair of shared electrons makes a chemical bond. 

Why should the outer shell of electrons involved 
in bonding have this eightfold capacity? Lewis had 
no explanation. Nor could he really explain why 
hydrogen and helium poke out at each end of the 
main blocks of the periodic table, with no elements in 
between them, nor why the transition metals interrupt 
the third and subsequent columns of the main block. 
These aspects of the table’s structure became 
understood within a few years of Lewis’s suggestion, 
once physicists worked out the fundamental rules 
governing the way electrons are arranged around 
an atomic nucleus. These rules emerge from the 
theory called quantum mechanics, which describes 
how very small particles like electrons and atoms 
behave. Quantum mechanics makes perfect sense 
of the blocky shape of the periodic table. 

It's a source of great satisfaction to scientists 
when they are able to explain something com-plicated 
in terms of ideas that are simpler. The motions of 
the planets in the night sky, as seen from Earth, 
look perplexingly complex, even though there are 
regularities to them. But once you understand that the 
Earth is one of those planets too, traveling in near- 
circular (elliptical) orbits around the Sun, the pattern 
becomes clear and what previously seemed intricate 
and even a little awkward now takes on a certain 
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elegance. It was the same for the elements: once we 
understood them in terms of the way electrons are 
organized around their constituent atoms, apparent 
complexity gave way to deep simplicity. 


A sense of wonder 


Many scientists find a genuine aesthetic pleasure in 
such abstract reasoning. They look at the periodic 
table of the elements, and they see beauty. You 
might share that response—or you might not. 
Maybe it takes a particular frame of mind to equate 
intellectual understanding with beauty. 

You do not, however, need to have such a mind 
in order to appreciate the beauty of chemistry. We 
hope that this book will persuade you that chemistry 
unfolds with a beauty that anyone can enjoy. We 
hope that the text will not just explain what it is 
you are seeing in these images but might also 
deepen the visual experience. We agree with the 
famous physicist Richard Feynman that scientific 
understanding does not diminish a sense of wonder 
and delight, but on the contrary may enhance it. 
Affronted at the suggestion of an artist friend that the 
scientist “takes apart” a flower and renders it “a dull 
thing,” Feynman responded: 


| can appreciate the beauty of a flower. At the 
same time, | see much more about the flower 
than he sees. | could imagine the cells in there, 
the complicated actions inside, which also have a 
beauty. | mean it’s not just beauty at this dimension, 
at one centimeter; there’s also beauty at smaller 
dimensions, the inner structure, also the processes. 
The fact that the colors in the flower evolved in 
order to attract insects to pollinate it is interesting; 
it means that insects can see the color. It adds a 
question: does this aesthetic sense also exist in 
the lower forms? Why is it aesthetic? All kinds of 
interesting questions, which the science knowledge 
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only adds to the excitement, the mystery and the 
awe of a flower. It only adds. | don’t understand 
how it subtracts. 


We will sometimes invite you to regard the 
visual wonders in these pages in terms of atoms 
doing things—organizing themselves, exchanging 
and rearranging their electrons, bouncing off one 
another, or scattering light. We can’t see those 
processes directly, but we can infer them and 
deduce their consequences. It’s the peculiar power 
of chemistry to connect those two aspects—the 
atomic and the everyday—that makes it both a 
glorious and a useful science, a discipline that 
reveals how the world we experience emerges from 
one that is altogether stranger, more elusive, and in 
some sense mysterious. The words of another great 
scientist, Charles Darwin, while coined in a different 
context (to describe the evolution of life on earth), 
are entirely apposite here too, and Darwin would 
surely have approved of how they may speak to the 
unity of the sciences as well as the splendor of the 
natural world they describe: 


There is grandeur in this view of life™.”.”. whilst this 
planet has gone cycling on according to the fixed 
law of gravity, from so simple a beginning endless 
forms most beautiful and most wonderful have 
been and are being evolved. 











“Fire burn and cauldron bubble.” As the witches of 
Macbeth testify, bubbles are a sign of things afoot, 
of trouble brewing: something is going on in that 
mixture. 

The frothing flask is a universal symbol of 
ominous chemistry, the prelude to a Jekyll-and-Hyde 
transformation. 

At the same time, who can truly be disturbed 
by bubbles? They are the playful agents of fun— 
it's no wonder someone in high spirits is said to be 
effervescent. No “kitchen chemistry” kit is complete 
without a spectacular display of frothing: dump 
baking soda into vinegar and you're off, the bubbles 
spilling from the test tube with volcanic, fizzing 
abandon. The reaction announces: this is chemistry! 

What's the fascination? Perhaps it has something 
to do with the unexpected, with the way that these 
seemingly innocuous and even familiar ingredients 
hold the potential for drama. And yet what a simple 
thing a bubble is: a gas released into a liquid, opening 
up a spherical cavity for itself and pushing back on 
the fluid that surrounds it. 

When baking soda meets vinegar, where does 
this gas come from? We start with a powdered solid 
and a liquid, but their chemical combination releases 
what alchemists once called (that evocative word 
again) a “spirit,” invisible in air but glistening like a 
pearl in water. As in all chemical transformations, 
there is a rearrangement of elements as the atoms 
abandon old unions and form new ones. Bubbles are 
the evidence of this change. 

Let’s look more closely. Vinegar is a solution of 
acetic acid: a molecule, made from carbon, oxygen, 
and hydrogen atoms, that may split in water into a 
fragment called an acetate ion and a hydrogen ion. 
(“lon” here means that the fragments have electrical 
charges—in this case, negative and positive respec- 
tively. More about them later.) 
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Baking soda is sodium bicarbonate (also called 
sodium hydrogen carbonate), an alkaline substance 
or “base.” When it is dissolved in water, it falls apart 
into sodium and bicarbonate ions; the latter can 
soak up hydrogen ions. The substance that results 
from their combination, called carbonic acid, has 
a tendency to split another way, making a water 
molecule and a molecule of carbon dioxide (CO,). 
This is the gas that fills the bubbles. 

Carbon dioxide itself dissolves in water to some 
extent. That’s how carbonated water—so-called 
mineral water—is made. If water contains a lot of 
dissolved carbon dioxide, some of it undergoes 
the reverse chemical reaction to the one we just 
described: it combines with water to form carbonic 
acid, which in turn falls apart into bicarbonate and 
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hydrogen ions, increasing the concentration of 
hydrogen ions and turning the water acidic. The 
invigorating “sharp” flavor of carbonated water 
comes from its acidity—that sharpness is a common 
feature of dissolved acids. Carbonated water is 
made by forcing carbon dioxide to dissolve in water, 
injecting it under pressure and then maintaining that 
pressure by sealing the water in a can or bottle. The 
water is then “supersaturated” with dissolved gas—it 
is loaded with more of it than it can hold on to under 
ordinary pressure. When the container is opened 
and the pressure released, some of the dissolved 
carbon dioxide gas is released from the solution and 
forms bubbles: that’s the fizz. 

This reaction of acids and bases is a common 
and fundamental one in chemistry. It’s not simple, 


though. For one thing, the process can go either way. 
Making lots of carbonic acid leads to the release of 
carbon dioxide as it falls apart. But loading up water 
with carbon dioxide runs the process the other way, 
forming carbonic acid and then hydrogen ions. The 
reaction is reversible. 

So how does it “know” which way to go? This 
depends on where we start from. You could say that 
reversible chemical reactions are perverse, because 
they run in a way that counteracts the conditions we 
try to impose. If we shove in a lot of hydrogen and 
bicarbonate ions, we generate carbon dioxide from 
their combination. If we pump carbon dioxide into the 
water, it reacts to make carbonic acid and thence 
hydrogen ions. As with a sausage-shaped balloon, 
squeeze a reaction at one end and it bulges at the 


“Carbon dioxide makes water more 
acidic, so the oceans are becoming 
increasingly acidified.” 


other, and vice versa. There’s a name for this: Le 
Chatelier’s Principle, after the nineteenth-century 
French chemist who proposed it. We might phrase 
it this way: When a chemical system is disturbed by 
some change, it will adjust to diminish that change. 
Of course, there’s no intention involved in that 
behavior; it’s just how nature finds the ideal balance, 
the most apt state of equilibrium. 
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Carbon dioxide is a harmless enough gas on the 
whole, and in fact our bodies and bloodstream contain 
plenty of itin dissolved form. It is generated too by the 
chemical reactions involved in our cells’ metabolism, 
which burn up sugars using oxygen: carbon dioxide 
is one of the products. This compound is of no use to 
the body—it is, you might say, our body’s exhaust— 
and so it is expelled, being carried in the blood to the 
lungs, where it is released and exhaled. 

Yet carbon dioxide has acquired something 
of a reputation as a chemical villain, because of 
its influence in global warming. It is the principal 
greenhouse gas: the molecules are good at absorbing 
and capturing the heat of the sun’s rays once they 
have been reflected or reradiated from the planet’s 
surface. This is why processes that influence the 
amount of carbon dioxide in the atmosphere—where 
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currently it exists as one molecule in every 2,500 on 
average—have become of urgent interest to climate 
and environmental scientists. 

Among these processes is the exchange of 
carbon dioxide between the air and the sea. As 
we said, water can dissolve a certain amount of 
carbon dioxide. But how readily seawater absorbs it 
depends on how much of the sea surface is exposed 
to the air. If the surface is whipped into spray or foam 
by high winds, the droplets have a greater surface 
area than the same amount of water gathered into a 
single blob, and so the exchange of carbon dioxide is 
increased. So there is a complex feedback between 
weather conditions, climate, and uptake of carbon 
dioxide in the oceans. 

There’s another worrying consequence of the 
rising levels of carbon dioxide in the atmosphere. 


Just as Le Chatelier’s Principle would predict, the 
more of this gas there is in the air, the more passes 
into the sea. But we saw that dissolved CO, makes 
water more acidic. So the oceans are becoming 
increasingly acidified. That’s bad news for some 
marine organisms, which aren’t adapted to this 
greater acidity. Corals are particularly vulnerable, 
and already the acidification of the sea surface has 
caused the dying-off of coral reefs such as those 
of Australia’s Great Barrier Reef—manifested as a 
bleaching of the corals’ vibrant colors. 

Carbon dioxide is not the only gas _ that 
dissolves in water. Oxygen and nitrogen—the main 
components of air—are also somewhat soluble. Our 
blood contains some of these gases. If our bodies 
experience high pressure during deep-sea diving 
and then the pressure is quickly released as we 





ascend to the water's surface, dissolved gases can 
form bubbles much as carbon dioxide does when 
a bottle of carbonated water is opened. Because 
these bubbles can block narrow capillaries, they are 
bad news, causing joint pain, dizziness, and other 
problems—called decompression sickness or “the 
bends.” In extreme cases it can be fatal. 
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Bubbles in a soft drink 





Bubbles in a soft drink 
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Carbon dioxide bubbles during fermentation 





Let’s return to a more pleasant aspect of bubbles. 
While they give an enjoyable fizz and tang to mineral 
water, we might regard the sparkling of champagne 
as the apotheosis of the bubble. It has certainly 
supplied motivation for making bubble science a fine 
art: some call it bubbleology. 

Anyone who has watched alcoholic drinks such 
as wine and beer brew knows that the process 
involves a great deal of bubbling. This is the result of 
fermentation, during which the yeast in the solution 
transforms some of the sugar it contains into alcohol. 
That is a process you might call “partial burning’— 
chemists would say partial oxidation—of the sugar, 
which generates carbon dioxide. This is what 
bubbles out of the mixture. The buildup of pressure 
during fermentation can be enormous. Wines bottled 
too soon, before fermentation has finished, may pop 
their corks—or, if the seal is too tight, shatter the 
whole bottle. 

According to legend, champagne was invented in 
the eponymous region of the Marne valley in France, 
where the medieval Benedictine monks were 
renowned winemakers. Toward the end of the Middle 
Ages, global temperatures plummeted in a centuries- 
long cold snap called the Little Ice Age. One cold 
year in the late fifteenth century, temperatures fell 
so low during the wine-fermenting season that the 
fermentation process came to a standstill, the yeast 
being too cold to do its work. All the same, the wine 
was bottled and casked. 

Then spring arrived and the yeast, still in the 
liquid, was reawakened into a second fermentation. 
But since the containers were now sealed, the 
carbon dioxide was trapped—until the bottles were 
opened with a release of fizz. 

At first, the sparkling wine wasn’t popular at all; 
fizzing was deemed a sign of poor winemaking. But 
just as a monk named Dom Pierre Pérignon was 
given the task of solving Champagne’s bubbly-wine 
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problem in the 1660s, fashions changed and 
the French aristocracy began to rather enjoy the 
innovation. Dom Pérignon had been striving to 
remove the bubbles, but now he was instructed to 
generate even more of them. The results certainly 
pleased him: “Come quickly, brothers!” he is said to 
have exclaimed to his fellow monks as he tasted a 
bottle, “lam drinking stars!” Dom Pérignon introduced 
the tradition of stopping bottles with a tight-fitting cork 
rather than, as before, rags or wooden pegs, so that it 
could contain a greater pressure and therefore more 
fizz. Better glassmaking techniques were eventually 
needed too, to ensure that the bottles themselves 
didn’t explode. 


“Come quickly, brothers! | am drinking 
stars!” 


Sparkling Champagne wine became popular 
in England around the same time, when a phy- 
sician named Christopher Merret began adding 
more sugar to the wines of Champagne to provoke a 
second fermentation—which had the added bonus of 
boosting the alcohol content. 

In 1728 Louis XV of France granted the city of 
Reims a license to be the sole center of champagne 
production. Fifteen years later, the vintner Claude 
Moét founded the famous Moét & Chandon brand, 
and in 1936 the company named its finest product 
after the monk who began it all: Dom Pérignon. 
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The action of an acid on a seashell (calcium carbonate) 
produces carbon dioxide 
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To release all of its excess dissolved carbon dioxide, 
a typical flute of champagne must generate around 
two million bubbles, each of them a near-perfect 
sphere of gas that rises to the surface. 

Bubbles are spherical because the gas they 
contain pushes equally in all directions. You might 
intuitively imagine that bigger bubbles contain gas 
under higher pressure, but in fact the reverse is true: 
the smaller the bubble, the greater the pressure 
inside it. 

Here’s another odd thing. A particular quantity of 
gas will form a bubble of a particular size, but that 
size isn’t decided by the point at which the pressure 
of the gas inside the bubble pushing out is equal to 
the pressure of the liquid outside the bubble pushing 
in. The pressure inside is always greater than the 
pressure outside. One way to understand that is to 
imagine that the surface tension between the liquid 
and gas at the bubble’s surface takes up the extra 
strain. For a large bubble—say, a millimeter across— 
this pressure difference is tiny. But for a bubble of 
microscopic size—say, a thousandth of a millimeter— 
the pressure difference can be very large. 

The pressure in a flute of champagne increases 
the deeper you are, just as it does in the sea: that’s 
simply because there’s more liquid above pressing 
down as you go deeper. (This is why your ears start 
hurting if you dive deeper, because of the increasing 
pressure on your eardrums.) As a result, bubbles 
rising in champagne get steadily (though only 
slightly) bigger as they rise, because there’s ever 
less pressure on the outside to push back against 
the pressure of the gas inside. You can see this if 
you look closely. 

How do the bubbles form in the first place, if the 
dissolved carbon dioxide is mixed evenly throughout 
the wine? The carbon dioxide molecules that make 
up the gas have to come together in sufficient 
numbers to pop open a little void in the liquid, 
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much too small to see with the naked eye, with a 
surface dividing gas from liquid. That convergence of 
molecules relies on chance encounters, but there’s 
one crucial consideration. If the bubble is to get 
bigger, its surface must grow. But surface tension 
tries to pull the surface smaller. It’s only when the 
bubble grows above a certain size—typically about 
two thousandths of a millimeter across—that it can 
avoid being collapsed again by surface tension, and 
will keep growing. 

This process of so-called bubble nucleation can 
be helped if the bubble forms on a solid surface of 
some kind, which lowers the energy barrier to growth 
created by surface tension. Bubbles in chemical 
reactions, and also in liquids supersaturated with 
dissolved gas, are often initiated at surfaces. They 
tend to appear at irregularities like scratches, 
where the surface itself has an abnormally high 
surface energy, making it an attractive place for gas 
molecules to congregate into a bubble. 

Bubbles in champagne often emerge in a steady 
stream from some point on the surface of the glass 
flute. It’s often thought that the source points must 
be tiny scratches, but in fact they are usually bits of 
material stuck to the glass: dust particles, maybe, or 
tiny fibers from the paper or cloth used to wipe the 
glass dry. They are to all intents a kind of “useful dirt” 
on the glass. A perfectly clean, smooth champagne 
flute, appealing though it might sound, wouldn’t allow 
champagne to bubble within it. 

Why does a whole train of bubbles issue forth, 
though? Gas builds up at the bubble nucleation site 
at a constant rate, but only once a bubble reaches a 
certain size is its buoyancy strong enough to pull it 
from the surface—at which point a new bubble will 
start to form until it too reaches that size. 

Some bubble trains rise straight up through the 
liquid. But sometimes bubbles wobble and zigzag as 
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they ascend. This happens because of the effects on 
the bubble of flow in the liquid around it. One factor 
is the influence of a bubble on the one behind it: as 
the rising bubble pushes the liquid out of the way, 
the flow can disturb the ascent of the next bubble 
in a way that gets more and more exaggerated, 
causing bubbles to veer and swerve. Also, large 
bubbles (a few millimeters across) can get squashed 
and deformed by the pressure of the surrounding 
liquid, creating complex wakes in the liquid that may 
transform a vertical rise into a spiraling or zigzagging 
one. 

Once it reaches the top of the liquid, a bubble 
bursts, although not necessarily right away: clusters 
of bubbles can accumulate at the surface like a tiny 
clump of foam. Eventually the cap of liquid covering 
the bubble drains to the side and the topmost film 
becomes too thin to withstand the pull of surface 
tension. It bursts with an audible pop, producing that 
deliciously seductive fizzing sound. 

This bursting is an amazingly complex process. 
It creates a kind of rebound in the liquid that pushes 
up a little vertical jet, like a splash, ejecting a very 
fine spray of droplets. You can feel these droplets 
on your lip as you bring it to the liquid surface, giving 
you a foretaste of the pleasures to come. 

There’s a yet more important result of this 
bubble-bursting, as far as your gustatory senses are 
concerned. As bubbles rise up through champagne, 
they absorb onto their surfaces the organic molecules 
that give the wine its flavor, such as alcohols and 
organic acids. These aromatic flavorants get carried 
on the droplets of the spray to your nose, producing 
the wonderful scents and flavors of the liquid. In a 
non-sparkly wine, such flavorants have to be given 
a helping hand to escape the liquid by swirling it 
around the glass—but champagne comes with its 
own flavor ejection system. Cheers! 





“As bubbles rise up through champagne, 
they absorb the organic molecules that 
give the wine its flavor.” 


Hydrogen bubbles produced in the reaction 
between zinc and hydrochloric acid 
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Oxygen from decomposing hydrogen peroxide 
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There are many chemical routes to making bubbles. 
One of them, called electrolysis and described in 
chapter 6, uses electricity to break down water or 
dissolved compounds into their component elements 
(which may include gases) on the surfaces of 
electrodes. Another process uses a “reactive” metal 
like zinc to convert the hydrogen ions in a solution of 
acid—sulfuric, let’s say—into hydrogen gas. This is 
called a displacement reaction, and it is as if the zinc 
(chemical symbol Zn) atoms displace hydrogen (H) 
atoms in a competition to partner up with the sulfate 
(SO,) ions. (For simplicity, I’m not indicating here 
that ions, as we mentioned earlier, have electrical 
charges. The subscript “4” in sulfate indicates that 
these ions contain four atoms of oxygen, denoted O, 
attached to one of sulfur, denoted S.) 

We can write the chemical reaction like this, with 
the initial substances on the left-hand side and the 
final products on the right: 


Zn + H,SO,— ZnSO, +H, 


(The truth is that neither the zinc ions nor the 
hydrogen ions are firmly attached to the sulfate ions; 
all of them are freely dissolved and dispersed in the 
water. We might better regard this as an illustration 
of how zinc atoms form positive ions more readily 
than do hydrogen atoms.) 

Hydrogen gas contains these H, molecules, in 
which the atoms are linked in pairs: the molecules 
gather into bubbles at the surface of the zinc metal. 
Many students encounter this reaction as a way 
to make hydrogen gas, which bubbles off to be 
collected in a test tube held upside down over the 
reaction vessel—the hydrogen, which is lighter than 
air, rises up inside and pushes out the air. It can 
then be ignited with a flame, producing a satisfying 
squeaky pop as it burns. 
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Primo Levi describes, in the chapter “Zinc” of his 
book The Periodic Table, how he was instructed to 
carry out this reaction in his university course: 


The first day it was my fate to be assigned the 
preparation of zinc sulfate: it should not have 
been too difficult; it was a matter of making an 
elementary .”.”. calculation and attacking the zinc 
particles with previously diluted sulfuric acid: 
concentrate, crystallize, dry with the pump, wash 
and recrystallize.”.”.”. Take the solution of copper 
sulfate from the shelf of reagents, add a drop of 
it to your sulfuric acid, and you'll see the reaction 
begin: the zinc wakes up, it is covered with a white 
fur of hydrogen bubbles, and there we are, the 
enchantment has taken place, you can leave it to 
its fate and stroll around the lab, see what’s up and 
what the others are doing. 


But he made the mistake of doing just that, in 
particular approaching a “pale, sad” young woman 
called Rita who was busy with the same task. The 
shy Levi saw his chance to strike up a conversation. 
“At that moment between Rita and myself there was 
a bridge, a small zinc bridge, fragile but negotiable,” 
he wrote. 

So much the worse for his neglected ex- 
periment—but there was some consolation in the 
outcome: 


My zinc sulfate ended up badly by concentrating, 
turned into nothing more than a bit of white powder 
which in suffocating clouds exhaled all or almost all 
of its sulfuric acid. | left it to its fate and asked Rita 
to let me walk her home. 


Even we will admit that there are sometimes 
more important things than chemistry. 


atinum wire catalyzes the decomposition o 
n peroxide to oxygen gas and water 
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Hydrogen bubbling from a magnesium ribbon 
in sulfuric acid 


Further reading 


Atkins, P. W. Atoms, Electrons, and Change. New York: 
W. H. Freeman, 1991. 


Liger-Belair, G. Uncorked: The Science of Champagne. 
Princeton: Princeton University Press, 2004. 
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Hydrogen bubbles generated from the reaction 
between zinc and sulfuric acid 








| am a chemist and engineer who looks upon the 
living world with the deepest admiration. Nature, 
herself a brilliant chemist and by far the best 
engineer of all time, invented life that has flourished 
for billions of years under an astonishing range 
of conditions. | am among the many inspired by 
the beauty and remarkable capabilities of living 
systems, the breathtaking range of chemical 
transformations they have invented, the complexity 
and myriad roles of the products. | am in awe of 
the exquisite specificity and efficiency with which 
Nature assembles these products from simple, 
abundant, and renewable starting materials. 

Where does this chemistry come from? It derives 
from enzymes, the DNA-encoded protein catalysts 
that make life possible—molecular machines that 
perform chemistry no human has matched or 
mastered. 

Equally awe-inspiring is the process by which 
Nature created these enzyme catalysts and in fact 
everything else in the biological world. The process 
is evolution, the grand diversity-generating machine 
that created all life on earth, starting more than three 
billion years ago. Life is the greatest chemist, and 
evolution is her design process. Biological systems 
are good models for sustainable chemistry that 
uses abundant, renewable resources and recycles 
a good fraction of its products. | dream of the day 
when much of our chemistry becomes genetically 
encodable, and microorganisms and plants are our 
programmable factories. 


Frances Arnold 
Nobel Laureate in Chemistry, 2018 








Crystals of potassium aluminum sulfate 


THE CHARM OF CRYSTALS 
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Crystals cast a spell. There’s an otherworldly quality 
to their sparkle, their peculiarly geometric, prism- 
like shapes, the translucent colors that seem to shift 
and elide deep in the interior. In the Bible they may 
represent purity or faith; the book of Revelation says 
of the city of New Jerusalem that appears after the 
Second Coming of Christ that “the light thereof was 
like to a precious stone, as to the jasper stone, even 
as crystal.” In the twelfth century, the French abbot 
Suger asserted that the divine light of God was like 
the gleam of gemstones, and that contemplating 
jewel-encrusted objects in his church at Saint-Denis 
near Paris would draw worshipers closer to God. 
Perhaps, though, he was merely seeking to justify a 
love of the way they looked. 


40 Chapter 2 


Crystals of sodium chloride (table salt) 
under polarized light 


Crystals were once widely thought to have special 
powers: medical, magical, and spiritual. Emeralds 
were believed to restore tired eyes, amethyst could 
ward off hailstorms and locusts, and green jasper 
could make you invisible. Needless to say they 
do nothing of the sort, and there is no evidence 
that crystals have healing properties despite the 
continuing popularity of that notion. Yet it is hardly 
surprising that these things were once believed, or 
that some vestige of those ideas persists. The sheer 
beauty of crystals is a balm in itself. Why look for 
more magic than that? 


A sodium thiosulfate crystal in polarized light 























Crystals of copper sulfate 
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Sodium chloride crystals in polarized light 
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Copper sulfate crystal 








A crystal of sodium thiosulfate in polarized light 


If, in times gone by, you shared the suspicion of 
the ancient Greek philosopher Plato that nature is 
governed by geometry, then the shapes of crystals 
seemed to offer confirmation. Why otherwise would 
they develop those flat, smooth planes, intersecting 
at crisp, perfect angles? Why would all crystals of 
table salt (the compound chemists now call sodium 
chloride) choose to grow as cubes, while quartz 
(silicon dioxide) forms prismatic columns tipped with 
pyramids? 

Pondering this question in the early seventeenth 
century, the German astronomer and mathematician 
Johannes Kepler was forced to suppose that nature 
possesses what he called a “formative faculty,” with 
a preference for geometric order—and that “she 
knows and is practiced in the whole of geometry.” 


“The sheer beauty of crystals is a balm 
in itself. Why look for more magic than 
that?” 


Today we have no need to fall back on such 
a vague, mystical idea—but that is partly thanks 
to Kepler himself. In contemplating the shapes of 
snowflakes and the cause of their “six-cornered” 
pattern, he wondered if the geometrical appearance 
might stem from a regular packing together of 
spherical “globules” of congealed water (in other 
words, ice), like the stacks of cannonballs commonly 
found on the decks of galleons. 

Such arrangements are perhaps more familiar 
today from the packing of snooker or pool balls in 
the triangle at the start of a game. Fifteen of them 
fit exactly, and the balls in the center are each 
surrounded by exactly six others in a hexagonal 
arrangement. 

You can place another layer of balls on top of 
the fifteen in the triangle, each ball resting in the 
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Copper sulfate 





dip between the three below it. Only ten balls will fit 
in that layer. You can add a third layer in the same 
way—for which there are now just six spaces. Atop 
that, add another three, and finally a lone ball at the 
pinnacle. 

What you have then is a pyramid of balls, with 
each of the sloping faces making up another triangle. 
Flat faces, equal angles, sharp corners, geometric 
perfection: it’s like a crystal. And that indeed is what 
crystals are like—Kepler was right, although in place 
of his “globules” the spheres are atoms, and each 
crystal face holds countless trillions of them. 

This arrangement of spheres is called hex- 
agonal close packing, and it is the most efficient 
way of stacking them, leaving the least amount of 
empty space in between. But there are other ways 
they can pack regularly too, for example in square 
instead of hexagonal formation. That creates cube 
or cuboid shapes with square or rectangular faces. 
In the scientific study of the atomic-scale structure 
of crystals, a regularly repeating and geometric 
configuration like these is called a lattice. There are 
precisely 14 different types of regular lattice into 
which objects may be packed in three dimensions: 
14 types of symmetry. All crystals have structures 
corresponding to one of these lattices. 

Each crystal structure consists of a particular 
arrangement of its component parts that repeats 
again and again, like the stacking of boxes in a 
warehouse. That basic building block of the structure 
is called the unit cell: a “box” within which the atoms 
that make up the crystal are always arranged in the 
same pattern. Often the shape of the crystal itself 
echoes the shape of its unit cell: the cubic crystals 
of table salt, for example, contain cube-shaped unit 
cells made up of sodium and chloride atoms (actually 
ions, because they are electrically charged; see the 
appendix for an image of this structure). 
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The smooth facets of natural minerals and gems 
are the planes made by countless atoms, packed 
and stacked with mathematical precision. Each unit 
cell of a crystal may contain many atoms. For sodium 
chloride there are precisely four atoms of sodium 
and four of chlorine for each unit cell. Some crystals 
can have very complicated unit cells. The minerals 
called zeolites, for example, have their atoms 
(typically those of silicon, aluminum, oxygen, and 
other metals) arranged into rings and cages, creating 
molecular-scale channels that thread through the 
material like a microscopic version of the catacombs 
beneath Paris. Molecules adopt crystalline states by 
stacking together in regular arrays—the molecules 
themselves might have irregular, unsymmetrical 
shapes, but they will fit together in an orderly manner 
rather like cars in a car park. Here the unit cell 
becomes a bit like the rectangular parking spaces: 
they are organized in a simple, geometric grid, even 
though what’s inside them is covered in knobs and 
bumps and curved surfaces. As a result, the overall 
crystals that can be seen by the naked eye look as 
regular and geometric as ever, despite the lumpy 
irregularity of their molecules. 


“The smooth facets of minerals and 
gems are planes made by countless 
atoms packed with mathematical 
precision.” 





Monopotassium phosphate crystals 


Table salt crystals 
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Potassium alum crystals 
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Ammonium sulfate crystals 
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Ammonium sulfate crystals in polarized light 
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Sodium acetate crystals 
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Potassium nitrate crystals 


Although the ancient Greeks had no comprehension 
of the atomic origins of crystalline form, they had a 
pretty good sense of how crystals are formed. Their 
word krystallos comes from kryos, meaning cold, 
and systellein, to draw together. Crystals are drawn 
together by the cold—think of ice, which is the crystal 
formed when water freezes. The Roman writer Pliny 
said in his great compendium Natural History in the 
first century AD that “rock crystal” (a common name 
for quartz) was “a kind of ice™.”.”. formed of moisture 
from the sky falling as pure snow’—that is, a kind of 
ice that is frozen forever. 

He was wrong about that—quartz isn’t ice at all, 
but is made from atoms of silicon and oxygen. (To 
be honest, Pliny was wrong about a lot of things. 
He thought, for example, that soaking a diamond in 
goat’s blood makes it brittle, which proves that he 
never actually tried the experiment—he just read 
the idea somewhere. The moral is that you shouldn’t 
take someone else’s word for it, but check it out for 
yourself. That’s the hallmark of science.) 





But it’s true that crystals can be made by cooling. 
That’s how chemists often make them today. They 
might dissolve a chemical in a warm liquid solvent 
and then let it cool, whereupon crystals can start to 
form. 

Why do this? Not simply to make something 
lovely, although crystals are often that. In chemistry, 
once you’ve used chemical reactions to synthesize 
the compound that you want, it’s often a smart move 
to make crystals of it. There are two reasons for 
this. The first (we'll come to the second eventually) 
is to purify the substance. As the crystal forms, the 
molecules pack together tightly, leaving no spaces 
for ones that don’t fit—such as impurities in the 
solution. So even if the solution does contain small 
amounts of impurities, the crystals that grow within it 
will generally be more pure. 

Crystallization is a simple, handy way of 
purifying a chemical. Often a chemist might conduct 
this purification process repeatedly: make a crystal, 
dissolve it again in a hot solvent and let it cool to 
recrystallize, then do it again. Each time the crystals 
get a little more pure. 
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Let’s think about that process of crystallization 
more carefully. It’s one thing to explain the geometry 
of crystals in terms of the orderly arrangement of 
their atoms, but it’s quite another to explain how 
atoms drifting about randomly in solution acquire 
this regimentation when they get together to make 
a solid. 

Crystals assemble themselves, as if each atom 
knows where it belongs. Needless to say, atoms don’t 
really possess any such insight. But nature supplies 
the larger vision needed for this orderliness, in the 
form of energy and stability. Processes in nature tend 
generally to happen in the way that confers greatest 
stability: that’s why water runs downhill. (We'll 
examine this criterion a bit more closely later in the 
book.) The self-assembly of crystals is like a downhill 
process too: as atoms or molecules get added to a 
crystal, they settle into the energetically most stable 
positions. That might involve a bit of adjustment—an 
atom settling on the surface of a growing crystal 
might not lodge where it first touches, but will wander 
on the surface until it finds a comfortable place to 
rest, dictated by the positions of atoms already in 
place in the crystal lattice. Think of it like settling 
ping-pong balls into some gigantic egg box: with a 
gentle shake, the balls will eventually all sit in the 
dips, making orderly ranks. 

Nevertheless, mistakes do occur in the way 
atoms are packed in crystals. These are called 
defects, as for example where two rows of atoms in 
the lattice merge into one. Nothing’s perfect. Defects 
can create points of weakness in a crystal, while in 
metals their reshuffling through the lattice gives the 
material its ductility, whereby the material bends 
rather than snapping when deformed. 

Why do crystals appear in the first place in a 
solution when it cools? This happens because, 
in general, a warm liquid can hold more dissolved 
substance than a colder one. If the solution is very 
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dilute, changing the temperature doesn’t make 
much difference. But if it is concentrated to the point 
where no more of the substance will dissolve—what 
scientists call a saturated solution—then cooling 
will compel some of the substance to solidify. A 
solution can also become “supersaturated” and 
apt to crystallize if some of the liquid evaporates, 
because this means that the remaining solution is 
more concentrated. 

All the same, crystallization in a supersaturated 
solution has to start somewhere: the atoms have to 
get together and start growing into a crystal. Because 
the motions of dissolved atoms and molecules are 
random, as they are buffeted from all directions by 
the molecules of the liquid, the formation of this initial 
seed from which a crystal will grow is a matter of 
chance. However, once a seed grows bigger than a 
certain critical size, it snowballs—it is more likely to 
keep growing than to fall apart again—and crystal 
growth is under way. This process of crystal nucle- 
ation is somewhat analogous to the nucleation of 
bubbles that we discussed in the previous chapter. 


Sodium acetate 





The second reason why chemists grow crystals 
is so they can figure out what kinds of atoms and 
molecules a compound contains—to check whether 
they have made what they think and hope they have 
made, or to work out the shapes of the molecules. 

It's possible to do this using X-rays, which are 
electromagnetic waves like a very high-energy form 
of light (see chapter 8). Crystals contain stacked 
layers of atoms, and X-rays can be reflected from 
successive layers as if from mirrors. Because the 
wavelength of X-rays—the distance between wave 
peaks—is typically similar to the distance between 
the atomic layers, the rays reflected from one layer 
can interfere with those from the next. Their peaks 
might coincide, making the rays brighter, or a peak 
might coincide with a trough, canceling them out. 
The result is that the X-rays reflected from a crystal 
and impinging on a detector register as a pattern of 
bright and dark spots. This is an encoded image of 
the arrangement of the atomic layers. 

By mathematical analysis of this so-called X-ray 
diffraction pattern, it’s possible to figure out where the 
atoms sit in relation to one another. This technique, 
called X-ray crystallography, was devised in the early 
1910s, largely by the father-and-son team William 
and Lawrence Bragg; the younger Bragg was at the 
time still an undergraduate at Cambridge. Their work 
was so immediately useful and important that the 
Braggs were awarded a Nobel prize in 1915. 

The Braggs demonstrated their new method on 
crystals of salts and gemstones. One of their first 
subjects was diamond: a crystal form of pure carbon. 
Their fine specimen came from the mineralogical 
collection at Cambridge, despite the fact that the 
Professor of Mineralogy William Lewis had strictly 
forbidden any loans of the precious item. The 
collection’s demonstrator, Arthur Hutchinson, risked 
his job to lend the gem to the Braggs behind Lewis’s 
back. “I shall never forget Hutchinson’s kindness 
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in organizing a black market in minerals to help a 
callow young student,” Lawrence Bragg later wrote. 
“| got all my first specimens and all my first advice 
from him and | am afraid that Professor Lewis never 
discovered the source of my supply.” 

X-ray crystallography supplied scientists’ first 
glimpse into the atomic world itself. It gave them a 
way to deduce the shapes of molecules: how their 
atoms are joined together in three dimensions. 
Researchers were particularly eager to discover 
the shapes and structures of biological molecules, 
since that might reveal secrets about how they do 
their jobs in living cells. Take the protein molecule 
hemoglobin, which ferries oxygen around in red 
blood cells. The Austrian-British scientist Max Perutz 
and his coworkers began to study its structure in 
the 1950s, and by 1960 they had mapped out a still 
rather fuzzy sketch of it. Like all proteins, hemoglobin 
is a chainlike molecule called a polypeptide folded 
up into a specific shape. Proteins contain hundreds 
or even thousands of atoms, and figuring out where 
they all sit from the patterns of X-rays bouncing off 
their crystals is a tremendously challenging task. 


Pyrite (iron sulfide) crystals 


“X-ray crystallography supplied 
scientists’ first glimpse into the 
atomic world.” 
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Potassium chloride 


Crystallography has garnered more Nobel 
prizes than any other scientific field, testifying to its 
importance in physics, chemistry, biology, mineralogy, 
and beyond. Perutz won a Nobel in 1962; two years 
later one was given to Dorothy Crowfoot Hodgkin, 
who in the 1940s and 1950s pioneered the use of the 
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method for molecules more complex in structure than 
many would have dared contemplate. In 1949 she 
published the molecular structure of penicillin, one of 
the first antibiotics that were transforming healthcare 
by suppressing bacterial diseases and infections 
after injury or surgery. Her solution to the structure 








of vitamin B,, in 1954 secured her reputation as the 
doyenne of the craft of crystallography, and she 
studied the hormone insulin for over 30 years, finally 
cracking its structure in 1969. 

Probably the most famous and momentous of 
Nobel-winning crystal structures is that deduced 
in 1953 by James Watson, Francis Crick, Maurice 
Wilkins, and Rosalind Franklin: the double helix of 
DNA. Franklin died of cancer before the Nobels were 
awarded in 1962—otherwise one fears how, in an 
age that tended to marginalize women in science 
(a tendency still not fully expunged), the committee 
would have dealt with the restriction to a maximum 
of three recipients. 

DNA is not a protein; it belongs to a class of 
biological compounds called nucleic acids. It is 
the molecule that encodes the genes which direct 
the development of all living things, and which 
are inherited from parents to offspring. Each DNA 
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molecule is made up of two separate strands, which 
wind around one another in helices and are “zipped” 
together by weak chemical bonds that span the 
strands. “Our structure is very beautiful,” Crick wrote 
to his son just after he and Watson had figured out 
how it all fitted together. To do that, they relied on 
the X-ray diffraction patterns made by Franklin and 
her student Raymond Gosling, working with Wilkins, 
from crystals of the molecule. The paired-up strands 
of DNA immediately suggested to Crick and Watson 
how genes could be copied when cells divide: each 
strand can separate and act as a template on which 
a new strand can be assembled. (That process 
depends on the help of a special DNA-replicating 
protein enzyme.) In this way, the crystal structure 
unlocked one of the greatest secrets of biology: how 
genetic information can be passed on to progeny, 
which is central to the process of evolution. 
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Table sugar (sucrose) crystals 


It's because crystals are so useful for understanding 
the structures of complicated molecules and 
compounds that so much effort goes into making 
them. But this is something of a black art. Just as 
some people have “green fingers” that seem able to 
coax seeds into plants, so some seem inexplicably 
adept at producing crystals where others fail. Crystals 
often need a “seed” to get them started: to trigger the 
process of nucleation. Chemistry students learn that 
scratching the side of their beaker with a glass rod 
might be all that’s required to spark the appearance 
of crystals in the solution. The scratch, too small to 
see, gives atoms and molecules something to cling to, 
bringing them together to start the growth process. A 
fleck of dust might do the trick too. Or it can happen by 
sheer, happy accident. British chemist David Jones 
once recalled that “a new compound of mine once 
refused to crystallise until | accidentally spilt some in 
the laboratory fridge—something seeded it, and my 


64 Chapter 2 


spillage crystallised!” Some methods for triggering 
crystal growth these days are more dependable and 
high-tech; a team in Edinburgh found in 2009 that 
very short pulses of laser light can do it, allowing 
them to write patterns in crystals within slabs of gel. 


“Making crystals is something 
of a black art: some people seem 
inexplicably adept at producing 
them where others fail.” 


Growing protein crystals is a particularly desirable 
goal. But it’s hit-and-miss—some proteins seem 
frustratingly stubborn in their refusal to crystallize. 
For other proteins, the problem is that they won’t 
dissolve in water in the first place, because they’re 
“designed” (by evolution) to be soluble instead in 
the fatty cell membrane. Scientists are working out 
how to encourage such membrane proteins to line 
up in the orderly arrays needed for crystallography. 
They are also developing ever brighter sources of 
X-rays, for with stronger beams it becomes possible 
to collect enough reflected X-rays for crystallography 
even from a very tiny crystal: the task of crystal- 
growing is then less challenging. In fact, you don’t 
necessarily need crystals at all. Using the brightest of 
today’s X-ray beams, scientists are approaching the 
point where they can deduce molecular structures 
just from the X-rays scattered off single molecules 
fired into the beam. A capability like that could 
revolutionize the study of molecular structure. 





Table sugar (sucrose) crystals 
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Protein crystals (sample provided by Jie Zhu, 
graduate student at the Laboratory of Biochemistry 
and Structural Biology, University of Science and 
Technology of China) 
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Fluorite (calcium fluoride) crystals 


“Where once humans sought to exploit 
the riches underground, now we want 
to preserve them.” 
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What happens in the test tube or beaker as crystals 
grow also occurs deep underground as minerals 
form. Water saturated with dissolved metal salts 
creeps through cracks and fissures in the rock, 
heated by the innate warmth of the planet’s interior 
or by buried reservoirs of hot magma welling up from 


close to the fiery core. As they cool, these salty fluids 
release their bounty as minerals and gems: “solidified 
juices” of the earth, as the sixteenth-century German 
authority on mining Georgius Agricola called them. 
Mining was a lucrative business by Agricola’s 
time. His influential treatise on the subject, De re 
metallica (1556), while presenting itself as a practical 
guide, is poetically evocative of the underground 
wonderland of the miner. The litany of mineral 
names alone conjures up subterranean marvels: 
azure, chrysocolla, orpiment, realgar. Some of 
these minerals are so intensely colored that they 
were used, finely ground, as artists’ pigments. One, 
called “zaffre” in Agricola’s time, was rendered deep 
blue by the cobalt it contained—the mineral name 
is a form of “sapphire,” though true sapphires get 
their blue from another chemical source. The name 
of that metallic element cobalt, meanwhile, comes 
from the German word kobelt, meaning gnome or 
goblin: it was widely thought even in Agricola’s time 
that these creatures guarded the hidden caverns 
where minerals were to be found, and would torment 
miners who came looking for them. The poet John 
Keats echoed that old belief in his complaint in the 
early nineteenth century that science was destroying 
the wonder and mystery of the world: he argued that 
it would “empty the haunted air, and gnomed mine.” 
There was no need for Keats to fret. Under- 
standing how mineral crystals grow underground 
from hot, metal-rich fluids is unlikely to rob anyone 
of the wonder that lies in store if they are lucky 
enough to get a rare glimpse of the caves of Naica 
at Chihuahua in Mexico. These caverns house one 
of nature’s most spectacular works of art: enormous 
crystals of the mineral gypsum (a form of calcium 
sulfate), precipitated from hot fluids over a period 
of thousands of years. The caves are part of a lead 
and silver mine that has operated since the early 
nineteenth century; the first caverns containing 


these giant crystals were discovered during mining 
excavations in 1910. The gypsum crystals have 
grown into immense prismatic columns that bisect 
the space in near-transparent pillars up to eleven 
meters long and about a meter wide. Their luster in 
the illuminated cave is like frozen moonlight. 

There are probably more caves within the 
tangled fault networks of the Naica system, perhaps 
with even bigger crystals. But to preserve these 
natural wonders, visitors are permitted to view the 
caves only in small groups, with permission and 
supervision of the mine management. Even then, 
scientific studies on the crystals have shown that 
they are at risk: no longer immersed in and supported 
by fluid within the drained mine, they could become 
weakened and cracked. Where once humans sought 
to exploit the riches underground, now we want to 
preserve them—a wish motivated (and rightly so) by 
reverence for their great beauty. 

Crystals grow throughout the universe. Ice 
particles formed from water vapor in the upper 
atmosphere gather into clouds, called “noctilucent,” 
that glow with reflected sunlight in the twilit polar 
regions. On the frozen surface of the dwarf planet 
Pluto there are entire mountain ranges made from 
crystalline nitrogen. 

Deep in the hot, dense interior of Saturn’s 
atmosphere, meanwhile, carbon atoms are thought 
to be crystallizing constantly into tiny particles of 
pure diamond—perhaps a thousand tons of them 
every year. The planet 55 Cancri e, detected around 
a star 41 light-years away, might be especially rich in 
carbon, and around a third of its mass might be pure 
diamond. 

These are seeds of order in an often turbulent 
and violent cosmos. When we watch crystals grow 
in the lab, we are seeing one of nature’s universal 
acts of creation: atoms given collective form, an 
expression of nature’s geometric dreams. 
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Quartz (silicon dioxide) crystals 
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Vanadinite (lead vanadate chloride) crystals 
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Fluorite crystals 
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In the macrocosm, the beauty of chemistry arises 
before us as it does in the images of this book. In 
the microcosm, when we talk about elements as 
atoms we cannot perceive them visually. There are 
no microscopes that allow a detailed examination 
of atoms. But in this invisible substance is the 
whole essence of the structure of matter. Can we 
talk about the beauty or harmony of what we cannot 
see, and which has no smell, taste, color? 

We can, probably, but only in our imagination. 
Aesthetics (or beauty, if you will) appears here 
with a deep knowledge of the subject. Its behavior 
is not described by Newtonian mechanics, but by 
quantum mechanics. There are no trajectories of 
movement, and time and space themselves are 
transformed. Everything is not the same as it is 
in the macrocosm. But beauty and harmony, as 
immaterial concepts, remain and acquire a new 
meaning. And they give us a sense of beauty that is 
no less than we perceive in these magical pictures 
from the macrocosm. 


Yuri Oganessian 
Joint Institute for Nuclear Research, Dubna, Russia 
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Precipitation of silver chromate 


3 INSOLUBLE: THE POWER OF 
PRECIPITATION 


The processes of chemistry have wonderfully 
evocative names that seem to hint at an ancient, 
almost ritualistic character to the craft: evaporation, 
distillation, precipitation. This aura hangs over the 
routine tasks of the laboratory: chemical work can 
be repetitive to the point of boredom, but there is 
an almost devotional dimension to its demands of 
patience, care, and awareness. Primo Levi described 
this attitude with his characteristic lyricism: 


Distilling is beautiful. First of all, because it is a 
Fj fo)'\"mm 0) ali (essxe) 0) a) (onmmr= aCe MES)I(=1 a] mumolerel¥) el-1t(ela Pama 701618) 
L<=1=) eX aVOLUM OLUS\Vm olU ime] \V-MVolUmilan-mCom lalial q@eymelial=\a 
things, somewhat like riding a bike. Then, because 
it involves a metamorphosis from liquid to vapor 
‘Clanvdtsi1e){<) ure lare Mm ice)aamtalicmeyaler-u-(el-Viamcomi(e[elemmeleialia 
ilalisme(el0]e)(-m(elUldal=\ vam) om-lale melo) arm OLUlaNvaiom-lir-lal-lem 
an ambiguous and fascinating condition, which 
starts with chemistry and goes very far. And finally, 
when you set about distilling, you acquire the 
consciousness of repeating a ritual consecrated by 
the centuries, almost a religious act, in which from 
imperfect material you obtain the essence . . . the 
elise 
That final word tells you that the religious 
analogies are neither casual nor superficial. 
The chemical laboratory used to be full of what 
its practitioners called “spirits”: spirit of salts 
(hydrochloric acid), spirit of wine (alcohol), spirit of 
hartshorn (ammonia). These are typically liquids 
distilled from some other substance: heat liberates 
the more volatile, easily evaporated compounds into 
the air, from which they are recaptured in pure form 
Le\VanexeXe) lave mr=\ale mexe)ale(=\alcy-lie)amam (a im=y-lal(-)amtlan(stowmtalcla>) 
was thought to be a genuine analogy between spirit 
as a volatile yet tangible substance and spirit as a 
kind of soul or essence. 
When the art and science of what today we 
call chemistry was being refined in the sixteenth 
and seventeenth centuries, the processes of 
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transformation that took place in the crucibles and 
retorts of the laboratory—evaporating, precipitating, 
purifying—were truly thought by some practitioners 
ion of=m=Xe [UI NV- Ulam OM (aresy-mlar-lmar-le)e\-lal-ce Mam ialomuule(-e 
world. You could conjure up a cosmos in a flask. 
The idea underpinning what became known as the 
chemical philosophy was that the “macrocosm” of 
the world was reflected in the “microcosm” of the 
human body and the glass vessels of the chemical 
workshop, so that you could understand one by 
studying the other. The body’s health was thought 
to be governed by vapors or spirits called humors 
that could rise and fall, wax and wane. For the 
chemical philosophers, the processes of nature 
were mimicked in chemical (most at that time would 
say alchemical or chymical) transformations. Water 
rises into the sky and condenses again in clouds 
and rain just as liquids circulate during distillation—a 
process then already important for making alcoholic 
drinks. Even the origin of the world as described in 
the biblical book of Genesis, where the waters were 
separated to expose dry land, was a story about (al) 
chemical transformation. 


mb Colt Meroe] fo Merelal(Ulc- mel om-Mere-ies- min) 
a flask.” 
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snow and to the way solid substances may coalesce 
out of a solution in chemistry. 
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White barium sulfate falls like 
snow as it precipitates 
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We learn from a young age that some things (like salt) 
dissolve in water and some (like sand) do not. But in 
fact, that’s not quite right. The question is really how 
much of things dissolve in water. Every substance 
dissolves at least a little, but some dissolve a lot. You 
can keep adding sugar to water until you have syrup. 

It’s hard to figure out what the rules are. Take the 
classic precipitation experiment: mixing a solution of 
barium chloride with a solution of a soluble sulfate 
salt such as potassium sulfate. Both solutions are 
colorless—they look just like water, although they 
are loaded with ions of barium, potassium, chloride, 
and sulfate. But when mixed, out billows a white 
discharge of fine, insoluble particles of barium 
sulfate, like cumulus clouds blooming in the sky. 

This is odd. Evidently each of those ions can 
be soluble individually—so why won’t barium and 
sulfate stay dissolved when they share the same 
solution? Most chemistry textbooks are maddeningly 
evasive about this. They talk about something called 
a “solubility product,” which is (loosely speaking) 
a number calculated by multiplying together the 
maximum possible concentrations of the different 
ions in a solution of a salt with limited solubility, like 
barium sulfate. From the solubility product you can 
predict when the compound will precipitate as the 
concentrations of the ions increases. 

That might be handy—butit’s a description, notan 
explanation. (Beware: science is full of descriptions 
masquerading as explanations.) It doesn’t offer any 
clue about why ions that are soluble in isolation are 
insoluble—and will precipitate—in combination. The 
real answer, as with any chemical reaction, is that 
the outcome depends on the overall changes in 
energy (strictly, in free energy—see chapter 8). lons 
of opposite electrical charge, like those of barium 
and sulfate, will tend to attract one another and stick 
together, creating a solid. They will remain in solution 
only if this tendency can be suppressed. It can be 
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if the ions are rendered more energetically stable 
by holding onto their shell of surrounding water 
molecules than by shedding them and gathering 
together in a crystal lattice. Which is the most stable 
situation depends on the ions concerned. For barium 
+ chloride, retaining the shell of water molecules in 
solution is best. For barium + sulfate, it’s not. But 
until you develop a chemist’s intuition about such 
things, you can’t expect to guess in advance which 
way the balance will tip. 








Barium sulfate precipitation 
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Barium sulfate precipitation 











Barium sulfate precipitation 


As a general principle, many ions are readily 
dissolved (chemists would say solvated, which means 
“surrounded with solvent”) in water. Because water 
molecules are po/lar—they have a slightly negatively 
charged part (the oxygen atoms) and slightly positive 
parts (the hydrogens)—it is generally possible to 
arrange water molecules around an ion so that the 
parts of the molecules with opposite charge to the 
ion sit closest to it: that’s an energetically comfortable 
arrangement. Water’s polar nature makes it a good 
solvent for ions—so salts of all sorts, and also many 
minerals, will dissolve quite readily. Water is also a 
good solvent for other molecules that are polar, which 
is to say, ones possessing imbalanced distributions 
of charge. Alcohols such as ethanol are like this, and 
will stay dissolved at concentrations ranging all the 
way from, as one might express it, ales to wines to 
whiskey. 

For the same reason, water is good at solvating 
sugars. But alcohols and sugars are among the 
molecules that also gain solubility from a rather more 
special property of water: its ability to form weak 
chemical bonds called hydrogen bonds. These arise 
from an electrical (at least, it is largely electrical) 
attraction between hydrogen atoms and atoms that 
have pairs of electrons “dangling” from them, taking 
no part in the regular chemical bonds that the atom 
forms with others. Oxygen and nitrogen are the 
most significant representatives among the atoms 
that tend to sport these “lone pairs” of electrons. 
The hydrogens in these partnerships have acquired 
a slight positive charge by being attached to some 
other atom that has a tendency to pull electrons 
toward it—both oxygen and nitrogen do this too, 
whereas a hydrogen atom attached to carbon, 
which has none of that electron-hogging character, 
won't form hydrogen bonds. We'll see shortly how 
important this distinction is. 


What exactly do we mean by “dangling” pairs 
of electrons? If electrons in the outermost part of 
an atom’s electron cloud aren’t involved in chemical 
bonding to other atoms, they will typically pair up in 
lobe-shaped clouds: these are the lone pairs. Oxygen 
atoms have a total of six electrons in their outermost 
“shell.” In a water molecule (H,O), two of these 
electrons are paired up with those from the hydrogen 
atoms, while the other four are sequestered into two 
lone pairs, which can be pictured (beware of taking 
such pictures too literally, a caveat that applies in 
any description of atoms) as lobelike electron clouds 
protruding from the oxygen atoms rather like rabbit 
ears. 

Because electrons are negatively charged, 
these lone pairs can attract the slightly positive 
hydrogen atoms on other water molecules. They will 
stick together, binding the hydrogen of one molecule 
to the oxygen of another. It’s a loose and floppy 
bond, about ten times weaker than that which joins 
hydrogen and oxygen atoms within a given water 
molecule. But this hydrogen bond is nonetheless one 
of the most important molecular glues in nature. 
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For one thing, it makes water what it is: a liquid 
at the temperatures and pressures typically found at 
the surface of our planet. Without hydrogen bonds, 
water would be a gas under these conditions—like 
methane, which is similar in some ways to water (it is 
a small molecule having a central atom—of carbon— 
with hydrogens attached) but lacks the capacity to 
form hydrogen bonds. The hydrogen bonds between 
water molecules give them some extra cohesion 
that stops them from flying apart at everyday 
temperatures. Sure, a puddle will evaporate into 
water vapor eventually—but as the vapor rises into 
the sky, carried on convection currents of warm air, 
eventually the air will cool enough for the water to 
condense again into tiny droplets of liquid. And there’s 
your cumulus cloud (or cirrus, stratus, nimbus, as the 
case may be). 

Each water molecule can form four hydrogen 
bonds: one from each of the two lone pairs on the 
oxygen, and one from each of the hydrogen atoms. 
These are arranged around each molecule in just 
the right way to join water molecules into a three- 
dimensional network of hydrogen bonds, with each 
molecule making these fragile handshakes to four 
neighbors. It’s a loose, imperfect network, because 
hydrogen bonds are too weak to hold for long in the 
face of the random jittering of a water molecule in 
the liquid. Typically, each hydrogen bond lasts for 
only about one trillionth of a second before breaking 
and then reforming with another partner. This means 
that the water molecules are constantly executing an 
elaborate dance, and at any moment many will lack 
all four partners. That's why water is a liquid at all. If 
the hydrogen bonds held them rigidly, the network 
would freeze—literally. This is what ice looks like 
at the molecular scale: a hydrogen-bonded array of 
water molecules locked into place as the molecular 
jitters are cooled away. One way to think of water’s 
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“Water molecules are constantly 
executing an elaborate dance of 
hydrogen bonds.” 


structure is as a sort of flawed and dynamic ice, shot 
through with disorder and motion. 

Actually, its been a matter of long debate 
(some of it rather forceful) whether that is indeed the 
best way to describe water’s structure. You could 
alternatively view it from the other direction as a kind 
of sticky vapor, the randomness of the molecular 
gyrations given a degree of order by the formation 
of these hydrogen-bond handclasps. Even today, 
deciding on the best description of water’s delicately 
poised balance between order and disorder is not a 
settled matter. 

Ammonia can form hydrogen bonds bridging its 
molecules too. But it doesn’t have the right shape 
for these to generate a three-dimensional network, 
and so ammonia doesn’t gain as much cohesion. It’s 
fairly easy to liquefy by cooling or pressurizing, but 
it’s still a gas under everyday conditions. 





Barium sulfate precipitation 
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Precipitation of silver chloride 
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The importance of hydrogen bonding goes way 
beyond its role in pure water. It’s because alcohols 
and sugars have oxygen and hydrogen atoms 
capable of hydrogen bonding that they are so good 
at dissolving in water. Some of the hydrogen bonds 
between water molecules that must be broken 
to open up a space for these larger molecules in 
solution can be recovered as links between the water 
molecules (the solvent) and the dissolved substance 
(the solute)—so the energetic price for admitting the 
molecules into solution is not too great. 

The same is true for protein molecules, which are 
ubiquitous and essential ingredients of living cells. 
Many of these proteins act as enzymes: catalysts 
for biochemical reactions, such as those involved 
in metabolism (the processes in which food and 
other ingested compounds are concerted to energy 
and building blocks of biomolecules themselves). 
They float about in the watery fluid of the cell, called 
the cytoplasm. As we saw, protein molecules are 
chainlike molecules, typically folded into compact 
shapes. Their molecular building blocks are called 
amino acids, which contain hydrogen, oxygen, and 
nitrogen atoms all capable of forming hydrogen 
bonds with water (or with each other) when exposed 
on the surface of a crumpled-up protein chain. 

Hydrogen bonds between the components 
of protein chains can help to glue them into the 
shapes they need to do their job. One of the most 
common shapes adopted by parts of protein chains 
is a corkscrew called an alpha helix, in which 
the spiraling form is generally held in place by 
hydrogen bonds linking adjacent coils. Perhaps the 
most renowned role of hydrogen bonds in biology, 
however, is as the glue that binds the double helix 
of DNA, the molecule that bears the genes. We saw 
in the previous chapter that when DNA is replicated, 
the twin strands are unzipped and each acts as a 
template for a new strand to be assembled. This 
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unzipping would be impossible if the strands were 
linked by regular chemical bonds—they are too 
strong, and breaking them would require too much 
energy. But hydrogen bonds are weak enough to be 
easily broken one by one, even if collectively they 
supply a secure adhesive force between strands. 

These attributes make hydrogen bonds the 
perfect glue for the chemistry of life. This chemistry 
relies on molecular dialogue: on molecules coming 
together, forming unions, exchanging information, 
and arranging themselves and each other with order 
and precision. Too strong a binding force here would 
seal the molecules into inanimate rigidity: they would 
become like rocks and minerals, locked into place 
for eons. Life persists at the boundary of order and 
chaos, and it needs the ability to make and break 
unions: now united, now free. It depends on the 
finely tuned chemistry of weak bonds. 


“The chemistry of life relies on 
molecular dialogue: on molecules 
coming together, forming unions, 
exchanging information, and arranging 
themselves with order and precision.” 





The precipitation of a mixture of 
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Hydrogen bonds are not the only option for molecules 
such as proteins that depend for their biological 
function on a versatile ability to shape-shift, to 
engage and separate. Some of the “stickiness” that 
holds protein chains in the proper configuration 
comes simply from their being immersed in the 
watery solvent of the cell. 

Proteins typically possess a finely tuned mixture 
of solubility and insolubility. Parts of their molecular 
chain are chemically similar to oils and fats (made up 
of nonpolar hydrocarbon units): they repel water and 
won't dissolve well in it. 

Other parts resemble sugars or alcohols in 
being imbued with polar chemical groups capable 
of forming hydrogen bonds to water molecules: 
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they are perfectly soluble. Roughly speaking, the 
protein chains fold up so that the soluble parts are 
exposed on the outside of the compact globule and 
the insoluble parts are buried inside—that’s the 
most stable folded configuration. How a collapsing 
molecular chain ynds this configuration from among 
the countless possible ways it could fold has long 
been a source of puzzlement, even wonder, among 
biochemists. But proteins seem to have evolved to 
be efficient at folding to the required shape, and 
sometimes this process is assisted by other proteins, 
aptly named molecular chaperones. 

One might reasonably say that the protein 
chain is programmed to fold in the way needed 
to adopt the shape that gives it its function. The 





Nickel(II) hydroxide 


programming is inherent in the sequence with which 
its components—20 varieties of amino acid—are 
linked along the chain. That in turn is specified by a 
gene in DNA that encodes the protein. In this sense, 
biological molecules are examples of what chemistry 
Nobel laureate Jean-Marie Lehn has called “informed 
matter’: physical substance that contains within its 
atomic arrangements the information that tells it 
“what it should do.” 


If so, that information is specific to a watery 
existence. Proteins only fold properly when immersed 
in water. In other liquids they may lose their shape, 
and consequently their biological function too. At 
the same time, the water solvent mustn’t lock the 
folded chain too rigidly in place, because proteins 





“Biological molecules are examples of 
informed matter: physical substance 
that contains within its atomic 
arrangements the information that tells it 
‘what it should do.’” 


need some flexibility. When an enzyme binds to the 
target molecule that it will transform in a catalytic 
chemical reaction, it needs to adjust its shape in 
small (or sometimes in substantial) ways. The folded 
protein achieves an exquisite balance between a 
well-defined conformation and a panoply of minor 
variations on that theme. 
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In their apparent wish to stay hidden from water, 
the insoluble parts of a protein chain act as if they 
are attracted to one another. In fact, to all intents 
and purposes the tendency of these regions to 
clump together, shielding each other from water, 
does resemble a real, physical force: it is called 
the hydrophobic (“water-fearing”) attraction. The 
parts of the protein that dissolve well in water are, 
conversely, said to be hydrophilic: “water-loving.” 
Proteins are mixtures of hydrophobic and hydrophilic 
regions within a single molecule, and we can regard 
the sticking-together of hydrophobic parts as a 
cate ie) im (eler=\ im e)crer| elic=\i(e)almelaim al=mcxer- l(c Melmn ante) (=Ve10] (2x3 
themselves. 

It’s too simplistic to say that proteins are entirely 
‘a\t{o lee) 8) ali (emo) alm ial= mmole 1¢-j(0(-Mr- lave im anvcelge) e)ace)¢)(emialsi(e(-H 
they are really a mixture of both, inside and out. In 
fact, it may be an important aspect of a protein’s 
design to have a partly hydrophobic exterior, 
since this can make proteins stick to one another, 
orolaye|c-xer-ld]ale Mi iaiomme [ele] oy iar-\mr-(erere)anl®) t=)almial= lime cey-l 
Vira (ye laa\'i ela emecelanl=Me)mtal=Manlele>mexelanle)(=> a anle)(=\e10l(- le 
machines of the cell, such as the ribosome where 
proteins are made according to the plan encoded in 
nucleic acid molecules, are aggregates of several 
proteins, perhaps with other molecules included too. 
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Magnesium hydroxide 
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Some proteins, meanwhile, are equipped with 
hydrophobic regions on their surface so that, rather 
than remaining soluble in the cell fluid, they will 
become embedded within its membranes. That’s 
another way for such regions to stay shielded from 
water. Membrane proteins are a_ tremendously 
important class of biological agents. They can act as 
relay systems that carry messages received at the 
outside of a cell membrane—a hormone molecule, 
say—into the cell interior. They can be conduits 
that admit small molecules and ions into and out 
of individual cells—for example, proteins called 
ion channels are rather like tubes that puncture a 
membrane and let ions through. These channels are 
selective: they will only admit specific ions (Sodium 
but not potassium, say), and in one direction but not 
the other. And they may be “gated,” opening and 
closing in response to signals they receive from their 
surroundings. lon channels in the membranes of 
nerve cells (neurons) conduct sodium and potassium 
ions in and out of the cells, and the resulting change in 
the electrical charge on either side of the membrane 
creates an electrical pulse that travels along the 
neuron: the electrical activity that underpins nerve 
action and thought itself. 

Cell membranes are also examples of how 
a mixture of solubility and insolubility is useful to 
biology. They are mostly made up of molecules 
called lipids, which have a long fatty “tail” attached to 
a small water-soluble “head.” 

Molecules like this, with a simple division 
of hydrophilic and hydrophobic parts, are called 
amphiphiles (“both-loving”); soaps have a similar 
character, which is why they can surround globules 
of fat and make them soluble in water. In cell 
membranes the lipid molecules cluster together in 
a structure that shields the tails from water while 
exposing the heads. They line up side by side with all 
the heads pointing in the same direction, creating a 


sheet, and then two such sheets adhere back to back 
so that both sides present an array of water-soluble 
heads. This arrangement is called a lipid bilayer. 

In cells these membranes may curl up on 
themselves to form closed compartments, the largest 
example being the cell membrane that encloses 
the entire cell. Some of these compartments inside 
cells, called organelles, contain proteins and other 
molecules that conduct specialized tasks. Other 
membrane structures crinkle into complicated, 
labyrinthine folds, studded with membrane proteins. 
One especially important membrane-bound organelle 
in our own cells (and those of other animals, as well 
as plants) is the cell nucleus, which contains our 
DNA, packaged into chromosomes. In this way, a 
great deal of the organization on which life depends 
is maintained via molecules that combine solubility 
and insolubility in water. 


“A great deal of the organization on 
which life depends is maintained via 
molecules that combine solubility and 
insolubility in water.” 
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Precipitation of a mixture of iron(II) 
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The balance between a protein’s tendency to fold 
and the looseness that allows it to adjust its shape is 
finely tuned. It usually holds only under the conditions 
found inside cells—that’s to say, at body temperature 
and ordinary pressures, in a solution with the right 
degree of saltiness. Make the temperature too high 
or too low, the pressure too intense, or the liquid too 
salty, and the balance is lost. 

Then the protein “denatures’—which is to say, it 
unfolds. Exposed to water, the hydrophobic regions 
on different chains might then stick to one another, 
FValo Matat= Wm o)ge)t=y) almexey-(e 0) t-1(=s-mm laicommlalsye)|0]6)(- meee mmm Malic) 
IMA /ar- marco) e\-1arom com alow e)ce)i=)iamer-\i(-rem-llelUlaaliamiam=se(e| 
white when it is heated, turning the substance from 
(ol(<¥-T aur lale MANr= 1X2) ensye) 16] 6)(- Maco Mme)ey-(e]0(-mr- Tale Mal atsxe)|0]0)(> te 
and creating the rubbery white skirt of a fried egg. 

It's because proteins (and other biomolecules) 
need the right degree of saltiness to keep their 
shape and solubility that cells have evolved ways of 
Cero) al (ce)|iiave mm tar-limecte li meres la ier Manic lane) e-lalemeal celeron 
which water can pass has different concentrations of 


108 Chapter 3 


Zo) o)ol=T (I) manvelcey dels) 


salt on either side, water will be drawn from the less 
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osmosis. Living cells in salty environments, such as 
the Dead Sea, have to actively oppose that process 
so that they don’t lose their water and become 
desiccated. They can’t simply admit high levels of 
salt inside, because that would risk denaturing the 
proteins and inflicting other kinds of salt-induced 
damage. They might store away salt in organelles 
called vacuoles, or they might produce other kinds 
of soluble molecules, such as amino acids or 
sugars, that can “balance” the high concentrations 
of salt outside the membrane without incurring the 
damaging effects of salt itself. Organisms that can 
withstand very salty conditions are examples of 
so-called extremophiles, which survive in extreme 
conditions. They might offer clues about whether life 
could survive in environments on other planets that 
seem by our standards to be less clement than those 
on Earth. 
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Proteins aren’t the only substances that can 
coagulate and precipitate when there’s a lot of salt 
in the water. It can happen to many kinds of organic 
matter dissolved or suspended as tiny particles in 
water, such as sediments in rivers. That’s why, as a 
river flows into its estuary and mixes with sea water, 
the water can become murky: the sediment particles 
stick together in larger clumps, and what further 
upstream was clear water now resembles a muddy 
effluent. The formation of large flakes of material 
from much smaller, dissolved or suspended particles 
is called flocculation. 

How it happens in estuaries is a complex affair 
that is still not fully understood—it depends, among 
other things, on how turbulent the flow is. But one 
way in which dissolved salt can cause coagulation 
is by neutralizing electrical charges on the surface 
of the particles. Many small sediment particles, for 
example those made from clays, have ions on their 
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surface that give them a charge and make them 
repel one another. But if there are salt ions of the 
opposite charge in the water, they may be attracted 
toward the particles where they neutralize the surface 
charge, allowing the particles to come together and 
aggregate. 

Looked at from high above, the outflow of turbid, 
sediment-laden water from an estuary traces out 
baroque patterns in coastal waters. Seen one way, it 
might appear messy—as if the land is disgorging its 
detritus into the bountiful blue of the ocean. But for 
marine coastal organisms this influx of matter is often 
a welcome injection of nutrients, helping estuarine 
ecosystems to thrive. And here too, we see played 
out in the natural world a macrocosmic reflection 
of the processes of precipitation that come swirling 
into the laboratory flask: a coalescence of substance 
from absence, the invisible made visible. Chemistry 
in action, transforming the world. 


Further reading 


Ball, P. H,0: A Biography of Water. London: Weidenfeld 
and Nicolson, 1999. 

Debus, A. G. The Chemical Philosophy. New York: Science 
History Publications, 1977. 

Tanford, C., and J. Reynolds. Nature’s Robots: A History of 
Proteins. Oxford: Oxford University Press, 2004. 
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Snowflake-like dendritic growth of silver 
crystals in a displacement reaction of silver 
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their hidden splendor that was too small for man’s 
naked eye to see, there was not one like unto 
another; an endless inventiveness governed the 
(olWV/c(o)o)anlcralme= lao mmOlalealial.¢-le)(-Mmellicc icc laler-lelamme)i 
one and the same basic scheme, the equilateral, 
equiangled hexagon. Yet each, in itself... was 
absolutely symmetrical, icily regular in form. 


This is Hans Castorp, the self-absorbed hero of 
Thomas Mann’s 1924 novel The Magic Moun- 
tain, meditating on the shape of snowflakes while 
succumbing to exhausted sleep on a skiing outing. It 
could sound as though Castorp is entranced by the 
snowflake’s beauty, but in fact it unnerved him. “They 
were too regular,” he says, “as substance adapted 
to life never was to this degree—the living principle 
rab (o(o(=1¢-Yo m= lmdal iow o-vai-reim o)¢-\ely(elammncelelare mime (=r-lial ya 
the very marrow of death.” He decides that this must 
oy MV aNmlarem elelice(=\eoMlam-\alel(=1al mileat=s-mlaleceye(e(er-com-ji(e1 a1 
deviations from absolute symmetry in their buildings: 
to imbue them with a sense of vitality. 

What’s truly unsettling about snowflakes is 
perhaps also what is beautiful about them: not so 
much their geometric symmetry, but the fact that 
these little flakes of ice seem poised on the verge 
of bursting free of it. Ordinary crystals have a blocky 
tidiness, as we saw in chapter 2. But in the Christmas 
tree arms of snowflakes, geometry runs riot, ramified 
into exuberant branches piled upon branches as if 
this were a thing with a life of its own. To Chinese 
scholars of the first-century Han dynasty, these tiny 
ice crystals were indeed plantlike “flowers of snow.” 
MJUrar- Wa liti(= Me aalelecmemmtalcwe [Ure cleo) cere lallem-ley-lale(elam-lare, 
idat=me)ce(=Vallat=sosom ele) (om elm (es-jmr-liole(=11a(-1em mcm e)ce)ey-le)\V 
this feature that struck Castorp as “uncanny.” 

Scientists through the ages have pondered the 
re}co)e)(=1anmeymial=M=laleniUiclc-mm COLUM Uli mexele](elammleare]c=ec1e) 
astonishing a natural phenomenon, especially after 
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the invention of the microscope in the seventeenth 
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focus. What could possibly be the cause of this 
“endless inventiveness”? What need did nature have 
for it? 

Johannes Kepler, the German astronomer and 
mathematician whom we encountered earlier trying 
to explain the shapes of crystals, thought long and 
hard about snowflakes. They were, in fact, the 
motivation for those impressive intuitions about 
crystallinity. While working in the court of the Holy 
Roman Emperor Rudolf Il in Prague, in the winter of 
1610 Kepler wrote a little book called De nive hex- 
angula (On the six-cornered snowflake) as a New 
Year’s gift for a noble patron. Here he set himself the 
task of explaining the snowflake. “What is the origin 
of the number six?,” he asked: 


Who carved the nucleus, before it fell, into six 
horns of ice? What cause is it that prescribes in that 
Tela rcler- Mm al(e aM om ale iVallamal=m\{-) a’ar- (el me) mexe) ale (=1alc)ia(e 
six points in a circle for six prongs to be welded on 
to them? 





Dendritic silver crystals grown by 
electrochemical reduction of a silver salt 
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Exuberant: The Delight of Dendritic Growth 





Dendritic silver crystals, seen in transmitted light, formed 
in a displacement reaction of silver nitrate and copper 
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“What’s unsettling about snowflakes is 
not so much their geometric symmetry, 
but the fact that they seem poised on 
the verge of bursting free of it.” 


We saw how he decided that the hexagonal 
symmetry might be explained by the packing of 
“globules of water.” But try as he might, he couldn't 
account for the snowflake’s branches. In the end, 
apparently a little desperate, he could only invoke 
that mystical notion of a “formative faculty” at work 
that is part of God’s design. “Formative reason does 
not act only for a purpose, but also to adorn,” Kepler 
wrote, adding rather delightfully that “it is in the habit 
of playing with the passing moment.” 

As you might imagine, this didn’t seem much 
of an explanation to scientists in the following 
ages. In the mid-nineteenth century, the eminent 
biologist Thomas Henry Huxley made it clear that 
no one any longer tried to invoke some mysterious 
“faculty” or “spirit” that “guided the aqueous particles 
to their places in the facets of the crystal, or among 
the leaflets of the hoar-frost.” No: it had to be the 
principles of physics and chemistry alone that 
generated these wondrous objects. 

But how? Until the middle of the twentieth century, 
all scientists could do was to describe and document. 
The Vermont farmer Wilson Bentley took thousands 
of photographs of snowflakes between 1885 and 
1931; in the latter year he published a book of his 
stunning images called Snow Crystals in collaboration 
with meteorological physicist William Humphreys. As 
a catalogue of the wonders produced by the laws 
of chemistry, it is surely a forerunner to this book, 
and it inspired many scientists to ponder the laws 
that might govern “flowers of snow.” That botanical 
analogy echoes the description of snowflakes given 
by Scottish zoologist D’Arcy Wentworth Thompson 


in his magnum opus on pattern and form in nature, 
On Growth and Form (1917): 


The beauty of a snow-crystal depends on its 
mathematical regularity and symmetry, but some- 
how the association of many variants of a single 
type, all related but no two the same, vastly 
increases our pleasure and admiration. Such is the 
peculiar beauty which a Japanese artist sees in a 
bed of rushes or a clump of bamboos, especially 
when the wind’s ablowing: and such is the phase- 
beauty of a flowering spray when it shews every 
gradation from opening bud to fading flower. 


The puzzle here is not just about snowflakes. 
They are simply the most familiar example of a 
common pattern that may appear as crystals grow. 
The real signature of the snowflake is not, as Kepler 
and others before and after him supposed, their 
sixfold (hexagonal) symmetry, but the individual 
arms: typically, needle-like tips decorated with the 
fernlike iterations of branches. Metallurgists have 
long known that these structures may appear too 
in molten metals as they cool and solidify. Their 
formation is known as dendritic growth, from the 
Greek word for “branch.” Branching dendritic growth 
can also develop in the chemical process called 
electrodeposition, in which a metal dissolved in 
the form of ions in solution gets deposited on an 
electrode immersed in the solution, as an electrical 
current passes through it (see chapter 6). 


Dendritic silver crystals, seen in transmitted light, formed 
in a displacement reaction of silver nitrate and copper 
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Fractalerystals of nicotinic acid 


If we’re to explain dendritic growth, there are two 
questions to answer. First, why the needles? Why, 
as a molten metal freezes, doesn’t the boundary 


separating the liquid from the solid advance 
smoothly, like a wave on the ocean? What makes 
one part of it outrun the rest and surge forth into a 
fingerlike tip? And second, what makes this tip itself 
sprout side branches—which, moreover, seem often 
to arrange themselves geometrically, branching out 
at a particular angle? 

The answers emerged in fits and starts between 
the 1940s and 1970s. The tips and branches of 
dendritic growth are examples of a so-called growth 
instability. To put it simply, this means that a process 
of steady growth gives way to something less smooth 
and regular. 
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Growth instabilities happen all around us. One 
such process causes regular ranks of sand ripples 
and dunes to rise up from a desert surface as sand 
grains blow randomly across it, one part of the surface 
accumulating grains faster than others. Another 
instability makes the layer of dew condensing onto 
the strands of a spider's web at dawn retract into a 
series of little droplets, like pearls on a string. 

The fundamental growth instability of dendritic 
growth was identified in 1963 by two American 
scientists, William Mullins and Robert Sekerka. 
They pointed out that the tiniest wiggle appearing 
by chance on the surface of a solidifying metal, as it 
grows in the cooling molten mass, will get amplified 
and quickly surge forward into a fingerlike protrusion 
that gets narrower as it grows. That’s because a 
protrusion like this can shed its heat faster than the 





rest of the solid, and so it freezes more quickly. It’s 
a process of positive feedback: the further the finger 
sticks out, the faster it grows. 

Mullins and Sekerka realized that this process of 
finger formation should keep recurring: it will happen 
on the sides of the needle tip too, creating side 
branches—and they in turn will also branch. Before 
you know it, you have a profusion of branches. 
There’s a limit to how small they can get, though, 
because surface tension at the boundary has the 
opposing effect of pulling the surface flat, as it does 
for the surface of water in a glass. 

This on its own sounds like a recipe for a random 
mass of branches: more like an oak than a Christmas 
tree. But what makes branches in dendritic growth 
of metals and crystals split off at particular angles 
is the underlying symmetry of the crystal structure 


Silver crystals grown by electrochemical 
deposition 


Zinc crystals made by electrochemical 
deposition 


“The tiniest wiggle appearing by 
chance on the surface will get 
amplified and quickly surge forward 
into a fingerlike protrusion that gets 
narrower as it grows.” 
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Zinc crystals made by electrochemical deposition 
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A close-up view of branched copper crystals 
made by electrochemical deposition 
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itself: the way the atoms and molecules are packed 
geometrically, as we saw in chapter 2. This biases 
the direction in which the branches will sprout. The 
hexagonality of the snowflake, then, is aconsequence 
of the hexagonal packing of water molecules in ice. 
Some other dendritic patterns in crystal growth have 
branches at other angles—in particular, some sprout 
at right angles, because the atoms in the crystal are 
packed into square arrays. 

It wasn’t until the 1980s that all this was 
understood—that there was a proper theory of how 
snowflakes form. Even now there are aspects of the 
process that remain mysterious. It’s hard to explain, 
for example, why all six of the points can look so 
identical. Why should that be, if the branches are 
just sprouting by chance, albeit biased to grow in 
“hexagonal” directions? Now, the truth is that many 
snowflakes are not so symmetrical after all: the six 
arms look rather similar in overall shape, but the 
details differ. If you’re used to seeing pictures of 
perfectly symmetrical snowflakes, it’s because those 
are often the ones selected, since they look the most 
beautiful. All the same, such “perfect” snowflakes 
clearly do exist—and it’s not obvious how each 
branch in such structures seems to “know” what the 
others are doing. 


“It’s not obvious how each branch in 
a snowflake seems to ‘know’ what the 
others are doing.” 


What’s more, not all snowflakes have arms with 
the classic Christmas-tree shape. They can have 
a wide variety of forms. Sometimes the arms are 
decorated with more blocky, hexagon-shaped plates 
of ice. Sometimes the entire snowflake grows like a 
simple hexagon. And depending on the temperature 
and humidity of the air in which they grow, snow 
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crystals can have quite different microscopic shapes, 
in particular columns and prisms with hexagonal 
cross-sections. Many different forms of snowflake 
might appear in a single snowfall, depending on the 
precise conditions in the air within which any given 
crystal formed. You might, then, think of snowflakes 
as nature’s frozen yet ephemeral record of its tiny 
variations from one place to another. 





Dendritic ammonium chloride crystals 
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Electrodeposited silver crystals 


Sodium silicate 
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Sodium silicate 








1BY-Yalolaitcom-lanlanveyallelanmeal(e)s(e(=Melaysyt= ks) 


i> Se 

= / 
OSS oO 

Se LA? 2 
xs 


ES 








Snowflake-like dendritic growth of 
silver crystals in a displacement 
reaction of silver nitrate and copper 
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Dendritic, snowflake-like growth is not the norm 
for crystals. As we saw in the last chapter, more 
commonly they form prism-shaped lumps, their 
faces and edges not ramified and jagged but on the 
contrary smooth and flat. Why sometimes one, and 
sometimes the other? 

It’s largely a matter of the speed of growth—or 
to put it another way, how big the “driving force” is for 
crystallization to happen at all. In general, if you cool 
a molten metal slowly below its freezing point, it will 
freeze slowly into regular, blocky crystals. Dendritic 
growth, in contrast, tends to happen when the molten 
metal is plunged suddenly to temperatures well 
below the freezing point, so that the solidification 
happens all in a rush. Scientists would say that the 
first process happens “close to equilibrium’—the 
system in which growth occurs isn’t too far from 
its most stable state (that is, crystalline), while the 
second happens “far from equilibrium.” 

Snowflakes are an example of the kind of 
complex, patterned structures that often appear in 
processes happening far from their equilibrium state; 
in chapter 10 we will encounter some others. This 
fine balance of complexity and regularity arising 
far from equilibrium is a feature also of life itself. 
It is, then, after all not entirely coincidental that 
snowflakes and dendritic growth put us in mind of 
trees and flowers—of matter animated by life. 

The same can be said of a different type of 
branching crystal growth. Some types of porous 
rock, such as sandstone, may be laced with delicate 
frondlike structures that are sometimes mistaken for 
fossil plants but are instead nothing but inorganic 
minerals of dark material. These go by the name of 
“mineral dendrites’—confusingly, because they are 
not strictly speaking the product of dendritic growth 
of the sort that makes snowflakes. The overlapping 
terms were coined at different times, and again they 
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indicate just how insistently a comparison with the 
branches of plants recommends itself. 

You might also see shapes like these in 
electrodeposition, where the metals sprout in 
vegetative profusion like coral on a rocky outcrop of 
the seabed—a process described in chapter 6. If you 
zoom in close to these branched electrodeposits, 
they are typically made from tiny, prism-shaped 
crystals thrown together at all manner of angles, like 
a random scattering of bricks cemented in place. 
Why don’t they simply develop into a single, dense 
clump? Why all the branching? 

The answer lies in another of those growth 
instabilities. Think of the surface of the deposit 
as growing by accumulating more particles on its 
surface. These particles drift through the solution at 
random until they strike the surface, where they stick 
at once in whatever position and orientation they 
happen to have. 

Now suppose again that, purely by chance, a 
small bump appears on the surface where slightly 
more particles have happened to alight than 
elsewhere. Precisely because the bump protrudes 
a little from the surface, other particles will be more 
likely to hit it first. And so it will accumulate particles 
at a faster rate, and will grow more quickly than the 
rest of the surface. Here again is that element of 
feedback: the more it grows, the faster it grows. 

And again, this process of finger formation 
recurs on the surface of the metal finger itself, 
making it sprout side branches. But in this case, 
there is nothing to bias the direction of the branches, 
because the particles—the little crystallites, say— 
just stick wherever they strike. So, the branching 
is all jumbled, and the result is a dense, random 
forest of branches. This process goes by the name 
of diffusion-limited aggregation, and it underpins 
the formation both of mineral dendrites—where the 
dark-colored mineral, typically a salt of manganese, 
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Sodium silicate 
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Sodium sulfate 
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Mineral dendrites of a manganese salt 
formed naturally inside a rock 
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precipitates from a salt-rich fluid percolating through 
the porous stone—and of randomly branched 
electrodeposits. 

These recursively branching forms tend to 
look much the same at several different powers of 
magnification. Zoom in closer and you see more of the 
fine detail, but it lboks much the same as the ramified 
form visible at lower magnification. A structure like 
this, which retains the same appearance at different 
scales of magnification, is called a fractal. Many 
snowflakes are also fractals, their branches repeating 
at finer scales like the fronds of a fern—but they are 
fractals of a peculiarly regular, geometric sort. In 
nature, fractal forms are common, and usually more 
irregular than the snowflake: the crenellations of a 
coastline, say, or the ever-finer branches of a river 
network or a system of blood vessels in the body. 


“Many snowflakes are fractals, their 
branches repeating at finer scales like 
the fronds of a fern.” 


Fractals are one of nature’s fundamental forms, 
and chemistry can supply them in a simple process 
of electrically induced crystallization, spreading from 
an electrode like a root pushing through the soil or a 
tree spreading its branches to embrace the sunshine. 
“Nature,” wrote the American transcendentalist 
Ralph Waldo Emerson, “is an endless combination 
and repetition of a very few laws. She hums the old 
well-known air through innumerable variations.” 
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Mineral dendrites of a manganese salt formed 
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For some chemists, beauty lies in the shape and 
clarity of a crystal or in the color or texture of a 
pigment. For others it is expressed by synthetic 
molecular structures in the shapes of the 
Platonic or Archimedean solids, such as cubane, 
dodecahedrane, and buckminsterfullerene, prized 
for their symmetry, simplicity, and uniformity. These 
structures—and many others into the bargain—are 
simply beautiful and beautifully simple. 

One of the really beautiful hallmarks of chemistry 
is its ability to keep reinventing itself. This 
endearing virtue places the chemist in the same 
arena as a painter, sculptor, or musical composer. | 
found myself acting out this privileged role, starting 
back in the 1980s, as a maker of mechanically 
interlocked molecules, held together by a brand- 
new kind of bond called the mechanical bond. 
These molecules have not only played a central role 
in molecular nanotechnology but have also initiated 
a shift toward more aesthetically pleasing and 
artistically attractive ways of illustrating molecules 
in the scientific literature. Such eye-catching 
representations are now part of the chemical 
lexicon. A molecule with two or more interlocked 
rings we call a catenane, derived from the Latin 
word for “chain,” and a molecule comprised of a 
rod threaded through one or more rings, with the 
ends blocked by bulky groups, we call a rotaxane, 
derived from the Latin words for “wheel” and “axle.” 

Nature was using mechanical bonds long before 
we humans came on the scene, for example in 
the form of catenanes and knots of DNA. Nature 
executes the chemistry of the mechanical bond 
with an elegance, complexity, and beauty that will 
remain a source of inspiration to synthetic chemists 
for centuries to come. 


J. Fraser Stoddart 
Nobel Laureate in Chemistry, 2016 
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There is no better, there is no more open door 
by which you can enter into the study of natural 
philosophy than by considering the physical 
phenomena of a candle. 


So asserted the famous English scientist Michael 
Faraday in 1848. He made the remark in one of his 
celebrated Christmas lectures at the Royal Institution 
in London, a series of talks aimed at children and 
young people. 

Faraday began the lectures in 1825, when he 
became director of the laboratory, and they are still 
running (with great aplomb) today. He worked before 
scientists began to divide themselves into camps— 
the word “scientist” was itself only coined in 1833— 
but in today’s terms he would probably be classified 
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as in equal parts a physicist and a chemist. In physics 
he figured out how electricity and magnetism are 
different facets of the same basic phenomenon, so 
that you can use electricity to generate magnetism 
(as in an electromagnet) and vice versa (as in an 
electric motor). In chemistry Faraday did many things, 
and his 1848 Christmas lectures communicated his 
deep passion for the subject. 

There is virtually no part of “natural philosophy’— 
what today we call science—said Faraday, that isn’t 
touched on by considering the candle and how it 
burns. That is perhaps a bit of forgivable hyperbole— 
there’s not obviously any biology invoked here, for 
example—but Faraday was certainly right to suggest 
that in this familiar process (all the more familiar, 
indeed indispensable, to his Victorian audience) lies 
a great deal of chemistry. 


ff 


But if Faraday chose his subject well, he was 
also taking on rather more than even he realized. 
Yes, the burning of a candle flame is a chemical 
reaction. But despite its commonplace occurrence, 
it is a far more complicated reaction than many, 
and the quest to understand it has stretched from 
well before Faraday’s era to our own today. Some 
would argue that we still don’t fully understand how 
a candle burns. 

Nonetheless, you can see the attraction of 
making it the exemplary chemical transformation. 
Everyone knows that candles do burn, and one of 
the first things many schoolchildren learn is that this 
process needs air. Place an inverted glass jar over a 
burning candle and it will soon go out, as the air is all 
used up by the flame. More precisely, it’s the oxygen 





in the air that feeds combustion: that substance 
constitutes about one-fifth of the air in Earth’s 
atmosphere, most of the rest being nitrogen gas. 
Nitrogen plays no significant part in combustion, and 
in fact nitrogen gas doesn’t do much else either— 
its rather unreactive, although “fixing” nitrogen 
atoms from the air into molecular forms that living 
organisms can use is a vital aspect of the chemistry 
performed by our planet’s biosphere, a specialty of 
certain bacteria and fungi. 

The lesson can be taken further: burning candle 
wax in oxygen, you might also have learnt at school, 
produces the gas carbon dioxide. This fills up the 
inverted jar as the oxygen is consumed, until the flame 
is snuffed out. And in fact, the burning process— 
which chemists called oxidation, since it is a reaction 
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that combines oxygen with other compounds—is not 
fundamentally different from what happens inside 
our own cells. They “burn” sugars such as glucose, 
reacting them with dissolved oxygen in the blood and 
producing carbon dioxide as a waste product, which 
we breathe out. 

So perhaps there’s some biology in the candle 
after alll! 


“The burning of a candle, which 
chemists call oxidation, is not 
fundamentally different from what 
happens inside our own cells.” 


A row of candles in a breeze 
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Faraday’s “chemical history of the candle” went 
still deeper. When he was born in London in 1791, 
oxygen barely existed—as a concept, that is. Many 
scientists, especially in England, believed in an older 
theory of combustion that attributed it to a substance 
called phlogiston. They thought that when things 
burn they release phlogiston, which is why a log—or 
indeed a candle—dwindles to almost nothing. 
Substances that burn easily were thought to be rich 
in phlogiston. 

From around the 1770s the French chemist 
Antoine Lavoisier developed a rival theory of 
combustion which inverted this argument. When 
things burn, he said, they combine with a substance 
rather than releasing one. This substance is a 
component of air that he named oxygen. (It’s a 
misnomer really, meaning “acid-generator,” since 
Lavoisier wrongly believed that all acids contain 
oxygen.) 

In the 1780s Lavoisier used his oxygen theory to 
construct a whole new framework for chemistry. He 
clarified what a chemical element is: a substance, he 
said, that can’t be reduced to anything simpler. He 
compiled a list of 33 of these elements (we now know 
118 of them—the last in the list is oganesson, named 
after a contributor to this book, Yuri Oganessian). 
And Lavoisier developed methods for splitting 
chemical compounds into their component elements 
and figuring out the relative proportions of each. He 
set all this out in a 1789 book called Traité é!émen- 
taire de chimie (Elementary treatise on chemistry), 
which laid the foundation for the future of the subject. 
However, many chemists in England, afflicted with 
tiresomely nationalistic prejudice, rejected this 
French imposture. Lavoisier was right, of course, 
and by Faraday’s time his ideas were pretty much 
universally accepted. 

On Lavoisier’s list of elements was one called 
caloric, which he thought was a kind of weightless 


Magnesium oxide formed from the combustion 
of a magnesium ribbon 





fluid responsible for heat. It was believed to pass 
from hot bodies to cold ones. So while his oxygen 
theory of combustion was basically right, it was 
mixed up with the incorrect idea that burning also 
involves a flow of this caloric. There’s an echo here 
of the idea from ancient times that “fire” is one of 
the fundamental elements, the building blocks of 
all matter. The confusion that reigned until the mid- 
nineteenth century between all these concepts—fire, 
heat, phlogiston, caloric, oxygen, and light—attests 
not only to how tricky a notion burning is but also to its 
central importance to human civilization for millennia. 

We were always eager to understand it—but 
that’s hard! 
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Combustion of lithium 
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The combustion of sodium: the beginning A white layer of sodium oxide forms on the surface 





Combustion in full swing 
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The sodium melts with the heat of reaction 


The combustion proper gets under way 





The combustion process ends with the 
formation of sodium peroxide 
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Burning iron wool 
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Black iron(Il, III) oxide formed 
from the combustion of iron wool 
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Around the 1850s, many scientists began to accept 
the idea proposed by Benjamin Thompson (Count 
Rumford), a founder of the Royal Institution, that heat 
arises not from any particular substance but from the 
movements of the basic particles of matter—atoms 
and molecules. The hotter a substance is, the faster 
or more vigorously its atoms move. In other words, 
heat is a measure of the amount of energy the atoms 
have. 

Does this mean there is yet another concept to 
admit into a theory of burning? Yes—but don’t be 
discouraged. Now we’re getting to the heart of the 
matter. 

For energy is the key ingredient in all chemical 
transformations, including combustion. It’s a vital part 
of the transaction. Faraday talked about the burning 
of a candle in terms of the transformation of some 
chemical substances to others: wax and air (meaning 
the oxygen in it) into carbon dioxide and water. (Yes, 
water is also produced in this process.) But he didn’t 
really have any clear picture of what this meant at 
the level of atoms. In fact, even though the idea of 
atoms as the smallest, indivisible units of matter had 
been around since the time of the ancient Greeks, 
and the English chemist John Dalton had proposed 
in the early 1800s that chemical substances can be 
regarded as conglomerates of atoms in different 
proportions, when Faraday gave his lecture in 1848 
it wasn’t clear quite how to think about them. For 
some scientists, atoms were just a convenient figure 
of speech, not real (very tiny) objects. 

We now know that atoms, and the molecules they 
form, are very much real entities. Oxygen molecules 
are the union of two oxygen atoms; nitrogen 
molecules too are paired atoms of that element. We 
denote these entities O, and N, respectively, where 
the chemical symbols O and N of course stand for 
oxygen and nitrogen. Carbon dioxide, meanwhile, 
has molecules containing a carbon atom with two 
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oxygens attached to it, written CO,. Water molecules, 
as we saw already, consist of an oxygen atom with 
two hydrogen atoms attached: H,O. 

In chemical reactions, the atoms are redistributed 
into new unions. Importantly, no atoms are ever lost 
or gained; they’re just reconfigured. We can write the 
process as a chemical equation. Coal is pure carbon 
(C), more or less—so the burning of coal, in which it 
combines with oxygen, has the equation 


C+0,40, 


A gas flame on a cooker burns the compound 
methane, in which the molecules are comprised of a 
carbon atom with four hydrogens attached: CH,. So 
this combustion process can be written as 


CH,+ 20, > CO, +2H,O 


Why the “2” in front of oxygen and water? That’s 
to ensure that there are equal numbers of atoms 
on each side of the arrow, because none is created 
or destroyed. To put it another way, each methane 
molecule reacts with two molecules of oxygen to 
produce one molecule of carbon dioxide and two of 
water. 

Candle wax is more complicated than coal or 
methane—but not so very much. Its molecules are 
called hydrocarbons, which, like methane, contain 
just carbon and hydrogen atoms. In paraffin wax, 
these molecules are long chains of carbon atoms 
studded with hydrogen, so that each carbon atom 
has four other atoms (C or H) attached to it. So the 
equation for the combustion of a candle is rather 
similar to that for the combustion of methane, with 
the same products. 





Burning charcoal 


“Energy is the key ingredient in all 
chemical transformations: a vital 
part of the transaction.” 
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So much for the atoms. But as we said, in 
chemical transformations we also have to think about 
heat and energy—the “invisible” part of the equation, 
you might say. As you know, burning candle wax or 
coal or natural gas creates not just carbon dioxide 
and water but also heat (and light—we’ll get to that 
later). 

The heat may be included explicitly in the 
equation, written as the symbol °. The burning of 
coal, for example, can be written as 


C+#0,5C0.4* 


But wait—now this equation doesn’t seem 
balanced anymore! Heat is an expression of energy, 
and one of the most fundamental laws of science— 
called the first law of thermodynamics—says that 
energy can neither be created nor destroyed, but 
only turned into different forms. So where did that 
extra energy come from? 

The answer is that it is already on the left-hand 
side of the equation too, but is “hidden” there. The 
energy there resides in the bonds that hold the 
atoms together. There is a chemical bond that unites 
the two oxygen atoms in O,. And while we have 
represented coal just as C, as if it is a lone carbon 
atom, in fact coal contains many, many carbon 
atoms linked together into vast sheets. When atoms 
stick together in molecules, some of their energy is 
released as the bonds form. 

One way of thinking about the release of heat 
energy when coal burns, then, is to say that there is 
more energy invested in the bonds holding together 
the oxygen molecules (in air) and the networks of 
carbon atoms (in coal) than it takes to assemble 
the same atoms into molecules of carbon dioxide. 
Or as chemists might say, carbon dioxide is a 
more stable (lower-energy) configuration of these 
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atoms. The excess energy is shed as heat when the 
rearrangement happens. 

The science of how heat flows during processes 
of transformation is called thermodynamics (the word 
literally means “motion of heat”). It was a science 
being invented just at the time that Faraday spoke of 
the chemical history of a candle—because, with the 
Industrial Revolution at its peak, there was intense 
interest in how heat could be generated and used to 
do useful work, for example by burning coal to heat 
water for steam engines. Here, then, is something 
else encoded in the candle: the driving force of the 
industrial age. 


The flame of a safety match 











The combustion of 
sulfur: the flame is 
blue, and melted 
sulfur turns red at 
high temperature 
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The combustion of phosphorus 
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This after all is the bottom line for the candle, its 
entire raison d’étre: it’s an energy source. Yet what 
Faraday and his contemporaries were really after 
when they lit a candle was the energy that comes out 
of the flame in the form of light, not heat. The main 
use of candles was for lighting up rooms. In fact, any 
heat produced in this case was just wasted energy 
as far as the candle’s function is concerned (unless 
your room was so cold that you had to huddle around 
the candle for warmth). 

All the same, burning a candle is not so different 
from burning oil or coal to produce heat in the 
furnaces of steam-powered machines. The crude 
oil extracted from oil fields is a complex mixture of 


The flame of a portable butane stove 
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chemical compounds, as are animal oils and fats— 
many of them are hydrocarbons not so different from 
those in candle wax. The gas used for gas lighting 
in Faraday’s time, meanwhile, was largely extracted 
from coal in a chemical process that produced 
methane along with the closely related hydrocarbon 
gas ethylene, as well as hydrogen and carbon 
monoxide. (This process also created a viscous 
residue called coal tar, which proved to be rich in 
useful hydrocarbon chemicals such as benzene, first 
isolated in pure form by Faraday himself in 1825.) 

In other words, what we’re talking about here are 
really fuels: compounds that burn easily and release 
heat energy as they do. Our familiar transportation 
fuels—petrol and diesel—are also hydrocarbons, 
with chains longer than methane and ethylene 
but shorter than those in paraffin wax. In a very 
real sense, sugars such as glucose are our bodily 
fuel: our cells are burning glucose all the time to 
give us energy. Cells are clever at capturing and 
storing this energy, especially in the form of a kind 
of universal fuel for powering enzymes: a molecule 
denoted ATP. Burning sugars and other energy-rich 
substances in our cells and tissues generates heat 





The flame of a portable butane stove 


too. That’s why our bodies are typically warmer than 
their surroundings, and why we produce more heat 
when we are doing vigorous activities. Our bodies— 
our cells—are adapted to work best at around 36.5— 
37.5°C, and we need to shed extra heat if we make 
too much of it. Sweating is one way of doing that: as 
it evaporates, sweat carries heat away with it. 

Fuels don’t have to be carbon-based molecules 
like oil, natural gas, or sugar. Any compound that will 
release a lot of energy when it reconfigures its atoms 
by reacting with oxygen will suffice. Hydrazine, 
with the formula N2Hs, is used as a rocket fuel, for 
example to power thrusters on the US space shuttles 
and on planetary lander spacecraft. One of the most 
attractive fuels is hydrogen gas (H2), which burns 
in oxygen to make only water—unlike fossil fuels 
like coal, oil, and gas, which also produce carbon 
dioxide, and therefore contribute to global warming, 
when they burn. If we could find a cheap, clean, and 
convenient way to produce hydrogen—by using 
sunlight to split water into its elements, say—we 
would have a solution to the climate crisis we have 
created from burning fossil fuels. Making such 
“green” fuels is one of the most important challenges 
chemists are tackling today. 
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The ignition of a cigarette lighter from a spark 
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A candle flame 


186 Chapter 5 





“Any compound that will release a 
lot of energy when it reconfigures its 
atoms by reacting with oxygen can 
act as a fuel.” 


The chemistry of the candle flame might sound fairly 
simple: it’s about waxy hydrocarbons combining with 
oxygen to make carbon dioxide, water, and heat. Ah, 
but if only that were all there is to it! There’s a big clue 
that something else is going on in the fact that the 
flame has some internal structure: it is usually bluish 
near the tip of the wick, but yellow further away. And 
besides, where does all that light come from? 

While the simple combustion equation we saw 
earlier describes the overall process, the rearrange- 
ment of atoms doesn’t happen in a single step. There 
are many intermediate reactions going on, involving 
a whole mélange of chemicals. As chemist Peter 
Atkins puts it, “When the wax travels up the wick 
and burns, the bonds between the carbon atoms and 
between the carbon and hydrogen atoms are broken 
apart. Such is the stormy turmoil in the conflagration 
that the molecules are ripped apart into fragments 
and even into individual atoms.” 

The chaotic, hot gas within the flame contains, 
for example, fragments of the wax molecules in 
which a lone carbon atom is united with just one 
hydrogen atom: the molecule CH. We said that in 
hydrocarbons each carbon atom likes to be linked 
to four others. So this CH molecule has some of 
its potential to form bonds unsatisfied—it is called 
a free radical, and is highly reactive. Fragments 
like these combine to make tiny particles that are 
mostly pure carbon: soot, which rises up through the 
flame on convection currents. The yellow part of a 
flame contains soot particles hotter than a thousand 
degrees Celsius, at which point they glow just like 


the hot metal filament of a light bulb. That’s where 
the candlelight comes from. 

At least, most of it. In the bluish region at the 
bottom of the flame and around the wick, vaporized 
hydrocarbon molecules from the molten wax are 
still breaking apart into fragments, and no hot, 
glowing soot has yet formed. The blue light comes 
instead mostly from a free-radical molecule in which 
two carbon atoms are joined together: C,. These 
molecules are initially born from the combination of 
two carbon atoms in a high-energy state. But the 
C, molecule sheds some of this energy, becoming 
more stable, by emitting it as blue light. C, molecules 
are also quite common in the dusty haloes that 
surround some comets, and when these are struck 
by ultraviolet rays in sunlight they can be boosted to 
a high-energy state that releases its excess energy 
instead as green light, accounting for the greenish 
glow of some comets—and justifying again Faraday’s 
claim that the candle’s flame holds insights into the 
universe. 


“The yellow part of a flame contains 

soot particles hotter than a thousand 
degrees Celsius, at which point they 
glow.” 
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Candle in the wind 
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The carbon atoms and fragments within a candle 
flame will combine in all manner of ways. Mostly 
they end up as soot, which is similar to tiny pieces 
of graphite: carbon atoms linked into sheets of 
hexagonal rings in honeycomb formation, with each 
atom at the corner of a hexagon and joined to three 
others. Soot is a disorderly jumble of such structures, 
whereas in graphite the sheets tend to be rather 
neatly stacked on top of one another. Like graphite 
itself, soot particles absorb most of the visible light 
that falls on them, and so they look black. 

There are other ways carbon atoms can 
assemble themselves. In diamond, they are linked 
into a very different network: not flat hexagons, but a 
three-dimensional lattice in which each carbon atom 
is joined to four others at the vertices of a tetrahedron 
(see the structure in the appendix). Diamond is 
less stable than graphite at ordinary pressures, but 
becomes the more stable form at very high pressures 
and temperatures, which is why diamonds may 
precipitate from hot, carbon-rich fluids deep inside 
the Earth. Extremely tiny fragments of diamond, 
called nanodiamonds, will appear spontaneously 
within a candle flame—according to one estimate, a 
typical candle generates around a million of these 
little diamonds every second as it burns. 

That’s too few, and the nanodiamonds are too 
small, to have any real value. But it’s possible to fine- 
tune the conditions in a gas of hot carbon fragments, 
for example by heating methane with a bit of 
hydrogen gas, so that large amounts of diamond are 
created as the fragments settle onto a solid surface. 
This is how diamond coatings are made industrially 
to protect and harden the surfaces of other materials. 

Carbon fragments in a flame can alternatively 
assemble into hexagonal sheets that curl up into 
hollow shells and tubes. If the sheets contain some 
pentagonal rings too, this makes them bend into 
bowl-like shapes. With precisely twelve pentagons, a 
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sheet can entirely close up on itself, creating a hollow 
carbon molecule called a fullerene. The simplest 
and most elegant of these contains precisely 60 
carbon atoms (C,,), and it has a spherical shape with 
pentagons and hexagons arranged just as they are 
on a soccer ball (See the appendix). Flat hexagonal 
sheets of graphite-like carbon may instead curl up into 
tubes, sometimes with a hemispherical half-fullerene 
end cap. The tubes are typically just a few millionths 
of a millimeter (that is, a few nanometers) across, 
and they are called carbon nanotubes. Fullerenes 
and carbon nanotubes were only discovered in the 
1980s and 1990s, and scientists were amazed to 
find that we have been making them inadvertently for 
as long as we have been burning flames. They are 
potentially valuable components for nanotechnology: 
the science of making useful structures and devices 
at the nanometer scale. 


“A typical candle generates around 
a million nanodiamonds every 
second as it burns.” 


Black soot collects on a piece of glass 
above a candle flame 








Green flames of combusting copper ions 


As the C, molecule shows, atoms and molecules that 
possess excess energy may shed it by emitting light of 
very characteristic colors. That’s because the laws of 
quantum mechanics, which govern these tiny objects, 
allow them to have only particular energies and not 


others—so jumps from one energy state to another 
require the emission or absorption of a “particle of 
light” (called a photon) with just the right energy. It’s 
the energy of a photon that determines its color. 

This supplies a very handy technique for 
identifying atoms and molecules: we can look at the 
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colors of the light they emit or absorb. The method is 
called spectroscopy. 

The compounds of some elements burn with 
flames of very characteristic colors. If you’ve ever 
boiled over a pan of salty water on the stove, you 
might have noticed the gas flame glow briefly yellow. 
That’s because of the sodium in the salt: when they 
are hot, sodium atoms emit yellow light strongly. This 
is also the yellowish glow of sodium-vapor street 
lights, in which an electric current passing through a 
gas of sodium atoms stimulates them to emit the light. 





Red flames of lithium 


Other metals make flames with different colors. 
Some metallic elements were first identified by their 
characteristic light emission. Rubidium, an alkali metal 
akin to sodium, is named after the deep red color it 
emits, which can be seen if a solution of a rubidium salt 


is placed in the colorless flame of a Bunsen burner. 
The metal thallium is named after the Greek word 
for a green shoot, because it was first discovered in 
the 1860s from its bright green emission. Looking at 
the colors made when a drop or small sample of a 
metal compound is placed in the Bunsen flame is a 


quick and easy way of identifying it: calcium is brick 
red, copper bluish green, potassium lilac. 

You’ve surely seen some of these colors 
already, because they are exploited in fireworks, 
in which small amounts of metal compounds are 
added to a gunpowder-like mixture to give a dazzling 
kaleidoscope of sparks. It’s not too much to say that 
the design and engineering of firework colors is a 
genuine chemical art form. 
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Yellow flames of sodium 
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Purple flames of potassium 
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Fire doesn’t just embody change but symbolizes 
it. In the flickering flames of a log fire, nothing 
is steady: their rapid, mesmerizing dance is the 
essence of unpredictability. They are like a miniature 
aurora borealis (another manifestation of the glow 
of energetic molecules) brought into the domestic 
hearth. Conversely, the northern lights appear to set 
the very atmosphere ablaze. 

The chaotic behavior of flames stems from the 
complex chemistry involved, superimposed on the 
whims of shifting air currents. It’s a perfect dance of 
contingency and necessity. The combustion of the 
fuel runs inexorably downhill to a lower-energy state; 
but slight, unpredictable shifts in the availability of 
air or fuel can become amplified by the complicated 
interactions of all the many intermediate molecules 
and substances in the flame. 

In carefully controlled flames, these interactions 
and feedbacks can have surprising consequences. 
In 1892 two researchers found that hydrocarbon 
flames in air can separate into petal-like segments, a 
little like the separate jets in a gas ring (where they’re 
imposed artificially by letting the gas escape through 
a ring of holes). Studies a century later showed 
that these cellular flames can form orderly patterns 
resembling the seed arrangements in a_ flower 
head. Sometimes the patterns will rotate. It’s all a 
question of delicately balanced processes: how fast 
the gas burns up, compared with how fast either the 
gas or the oxygen is replenished. In any event, this 
patterning in a flame is a signature of complicated 
events at the molecular scale that aren’t accounted 
for by the simple chemical equation that describes 
the overall combustion process. 

Chemistry, then, is a font of complex pattern 
and form. It’s just as Faraday said: gaze at a candle 
flame and you catch a glimpse of the cosmos in all 
its glorious diversity. 
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Patterns formed when droplets of potassium 
permanganate solution were added to a solution 
of sucrose and sodium hydroxide 
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Gold crystals grown by depositing the 
metal from a gold-rich vapor 





“We Spaniards know a sickness of the heart that 
only gold can cure.” When he wrote these words, 
the conquistador Hernan Cortés was by no means 
the first to fall under the spell of gold—for the love 
of which he ransacked the Aztec empire of central 
Mexico, just as his compatriot Francisco Pizarro 
extorted tons of the yellow metal from the Incas. 

But do we value gold because of its gleaming 
allure, or do we revel in that sight because of its 
value? Which is chicken and which is egg? 

There surely is a magical quality in the reflective 
sheen of metals—the play of light that distorts the 





world into strange geometries, here mirror-bright, 
there streaked with darkness. The silvered mirror 
invites us into a looking-glass world where everything 
is reversed, left for right: the same but not the same. 
It's no surprise that mirrors in fantastical stories 
become portals into other realms or through which 
supernatural agencies speak and emerge—think of 
Snow White’s queen, or Dracula’s lack of a reflection. 
Mirrors seem to multiply space, and thereby to defy 
its laws. 

Among the gallery of bright metals, gold is special: 
it is one of the few that does not tarnish. Silverware 


needs a rub from time to time to remove the dark 
discoloration, but gold never dims. Platinum has that 
incorruptibility too, and is similarly prized for it (although 
it was not recognized as a metallic element in its own 
right until the eighteenth century; the name means 
“little silver’). It is no wonder that, to the alchemists, 
gold seemed to hold a promise of eternal youth. The 
quest of the alchemists of China became more about 
discovering an elixir of immortality than about making 
gold itself from less precious metals. Aurum pota- 
bile—a ruby-red suspension of gold that one could 
drink—was regarded as a cure-all for diseases. 
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Most of us, however, can’t afford gold in quantities 
exceeding what it takes to make a wedding ring. An 
alternative is to give cheaper metals the appearance 
of gold by applying a thin coating of the yellow 
metal: by gold-plating. It’s the same for silver, once 
commonly coated onto the cutlery and kitchenware 
of the aspiring household to dazzle guests and to 
make the items less susceptible to tarnishing than if 
they were forged from steel. 

The gleam of metals is enjoyed in its own right, 
not merely as a superficial symbol of opulence. 
Think, for example, of the chrome-plated fenders 
of a Cadillac, or the jaunty sparkle of a brass band. 
Glittering surfaces like these are often produced 
by a process called electroplating, which is a form 
of electrodeposition: the depositing of a layer of 
material using electricity. It’s a classic and sometimes 
spectacular example of how electricity can be used 
to do chemistry. 


“Electro-” here can stand for electricity, but equally 
it might connote the electron itself: a fundamental 
subatomic particle, from rearrangements of which 
all of chemistry arises. Every chemical process 
involves some movements of electrons. They are the 
glue that holds atoms together in molecules. When 
chemical bonds are made or broken, the electrons 
are redistributed: more glue here, less there. 

In some of these reactions, an atom or a 
molecule might entirely lose or gain an electron, or 
several of them. Because an electron has a negative 
electrical charge, transactions of this sort result in a 
change in the overall charge on the atom concerned. 

You might wonder what it really means to say 
that the electron has a negative charge. It’s a good 
question, to which the answer is that it is merely 
a matter of convention. Positive and negative 
charges—as in the conventional “+” and “—” labels 
assigned to electrical terminals of a battery—are 
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“Every chemical process involves 
some movements of electrons. They 
are the glue that holds atoms together 
in molecules.” 


opposite to one another. Put them together and 
they cancel out, and there’s no overall charge. But 
it's entirely arbitrary that we say the charge on an 
electron is “negative” while that on a proton in an 
atom’s nucleus is “positive.” We could have done 
it the other way round, and nothing would change, 
any more than if we had decided to call left “right” 
and vice versa. (Quite aside from the arbitrary nature 
of the words themselves, whether “left” and “right” 
are truly equivalent—whether the looking-glass 
world is really indistinguishable from ours—is a deep 
question in physics.) 

Atoms are neutral—they have no charge—when 
the number of electrons they contain, dispersed in 
clouds around the dense central nucleus, is equal 
to the number of positively charged protons in the 
nucleus itself. Electrons are much smaller and lighter 
than protons, but their charge is equal and opposite. 
When these two numbers are imbalanced, the atom 
has a positive or negative charge, and is called an 
ion. That charge is some whole-number multiple of 
the charge on an electron or proton; it can’t lose or 
gain “half an electron.” (All the same, it’s sometimes 
useful to talk as if atoms or molecules have some 
fraction of an electron’s charge: for example, when a 
cloud of electrons is smeared out and shared among 
several of them.) 


A microscopic view of copper acetate, formed by the action 
of vinegar on copper metal 








A microscopic view of copper acetate, formed by 
the action of vinegar on copper metal 
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Rust formed when salt water corrodes iron 


We saw earlier that the reaction of a substance 
with oxygen, often making a compound called an 
oxide, is called (logically enough) oxidation. However, 
chemists recognize a more general meaning of 
“oxidation,” which need not involve oxygen at all. We 
can only apologize for this. Science is full of terms 


that arose for historical reasons but then outgrew 
their origins (the name “oxygen” itself is one of 
them!). To chemists today, oxidation refers to the 
process of losing electrons. If an atom or molecule 
gets relieved of one or more electrons, it has been 
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oxidized—and this means that it acquires a positive 
charge or that its positive charge increases. 

There is a rationale for this nomenclature. 
Oxygen atoms are among the most avid for 
electrons of all chemical entities, and this is what 
makes oxygen such a reactive element: it will seize 
electrons from wherever it can. We can see this 
behavior at work, for example, in the rusting of iron. 
Exposed to air, the surface of iron gets attacked by 
oxygen, forming red-brown iron oxide. In iron metal, 
the atoms are electrically neutral, having an equal 


number of protons and electrons. But in the oxide, 
the oxygen atoms have stripped some electrons 
from them. Roughly speaking, each oxygen atom 
gains two electrons, making oxide ions with a double 
negative charge, while each iron atom loses three 
electrons, making iron ions with a triple positive 
charge. To accommodate that disparity in charge, 
the ratio of iron to oxygen in the compound must be 
2:3: it has the chemical formula Fe,O,. (The actual 
chemical composition of rust can vary; it forms more 
readily when there is some moisture present, and 


some of the water is typically bound into the rust 
itself: strictly speaking, rust is hydrated iron oxide.) 
So the iron has been oxidized—which here means 
that it has reacted with oxygen itself, it’s true, but 
more fundamentally that it has Jost electrons. 

The converse process of gaining electrons is 
known as “reduction.” This seems illogical too: how 
is something “reduced” if it gains? But in its original 
context a process of reduction did indeed involve a 
loss—of weight. Most metals, including iron, exist 
in nature as ores, which are compounds. Iron ore 
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is generally some form of iron oxide, such as the 
mineral haematite. To make the pure metal, the 
other elements in an ore (such as oxygen) have to 
be removed. The Iron Age began (around 1000 BCE; 
to be more precise with the date, you must specify 
the region) when humans figured out how to achieve 
that removal by heating iron ore with charcoal. The 
oxygen in the ore combines with the carbon in the 
charcoal to make carbon dioxide, leaving behind 
molten iron. The discovery was probably made 
several times over in different parts of the world, and 
it transformed society and politics: weapons made 
from brittle bronze were no match for hard-edged 
iron. The point here is that, by losing oxygen, the ore 
loses weight—hence “reduction.” 

An element or a compound that is good at 
extracting electrons from others is called an oxidizing 
agent. Oxygen gas itself is an excellent oxidizing 
agent; it is the nefarious agent of corrosion, by 
which iron structures are reddened and ultimately 
weakened as they are converted into the oxide. 
But oxygen is not the best of all oxidizing agents— 
fluorine, for example, is even more hungry for 
electrons, and indeed may take them from oxygen 
itself. lons with a large positive charge—that is, those 
severely depleted in electrons—may also be good 
oxidizing agents. One such appears in potassium 
permanganate, KMnO,, where the manganese 
atoms can be assigned a positive charge of +7. 
(Because there is some sharing of electrons 
between the manganese atom and the four oxygen 
atoms attached to it, the manganese doesn’t truly 
have such a whopping charge.) The compound is 
commonly used as a disinfectant to oxidize noxious 
substances in drinking water. 

By the same token, a compound good at donating 
electrons to others is called a reducing agent. These 
can include chemical species that already have many 
electrons, such as the ferrocyanide ion Fe(CN)SO%. 
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Alkali metals like lithium and sodium are powerful 
reducing agents too: they are “eager” to lose an 
electron. (Remember that this anthropomorphic 
language simply connotes that the process happens 
readily because it lowers the overall energy of the 
system. It’s in the same sense that water is “eager” 
to run downhill.) 

There can be no oxidation without reduction, and 
vice versa. It stands to reason: if an electron moves, 
it has to go from one place to another. Chemical 
reactions that involve reduction and oxidation are 
called redox reactions, and they are extremely 
common in chemistry. The corrosion of iron to form 
rust is one of them. 


The surface of a hot copper plate in the presence 
of oxygen and acetone vapor: copper first reacts 
with oxygen to form copper oxide, then the oxide is 
reduced to copper again, with the cycle repeating 
until the acetone runs out; the colorful appearance 
of the oxide layer is caused by light interference 
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The surface of a hot copper plate in the presence 
of oxygen and acetone vapor 
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Reduction of potassium permanganate 
by sucrose 
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Reduction of potassium 
permanganate by sucrose 








If chemistry is all about the movement of electrons, 
so too is electricity. In the crudest terms—a more 
accurate view is more complicated, as it is so often 
in science—the flow of an electrical current down a 
copper wire corresponds to the motion of electrons. 
Say we attach a wire between the terminals of a 
battery. Opposite charges attract: electrons are 
drawn toward the positive terminal. To balance that 
motion, electrons enter the wire from the negative 
terminal. This, then, is what a battery is: a source 
and sink of electrons, whose motion can be tapped 
to extract power and drive electrical devices. 

But if that’s so, might we not use electricity— 
batteries, say—to do chemistry? Yes we can, and this 
is precisely how electroplating and electrodeposition 
work. Conversely, batteries themselves harness 
the electron exchanges of chemical processes by 
converting the energy of chemical reactions into 
electrical energy. 

The intimate connection between electricity and 
chemistry was discovered almost as soon as the 
battery was invented. That invention was sparked 
by an argument between two Italian scientists in 
the late eighteenth century. The physician Luigi 
Galvani had discovered that if a dismembered frog’s 
leg is touched by two different metals, it twitches. 
Galvani’s experiments led some scientists of his time 
to suspect that life itself was electrical—the result of 
electricity (at that time envisaged as a kind of fluid) 
coursing through the nerves of creatures. This idea 
later impressed the teenaged Mary Godwin, who 
later married the poet Percy Shelley, and she had 
it in mind when in 1816 she began to write her most 
famous novel, Frankenstein. 

Galvani’s compatriot Alessandro Volta suspected 
that the frog’s leg was not actually producing 
electricity at all; he thought it came from the metal 
contacts. To show this was so, he connected two 
metals—zinc and copper—not via frog’s legs but by 
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a piece of cloth or cardboard soaked in salty water. 
Because it contains electrically charged ions, the 
salt solution will conduct electricity. Volta showed 
that this arrangement alone generates an electric 
current. We can think of it as if the electrons in the 
two metals have different energies and so will flow 
energetically “downhill” from one to the other. This 
makes the assembly a battery. Volta found that he 
could produce more electricity—a greater voltage, as 
we’d now Say (and you can see where this technical 
word comes from)—by stacking many paired copper 
and zinc disks atop one another, each pair separated 
by a piece of salt-soaked cardboard. The top and 
bottom disks serve as the two terminals of the 
battery: the copper disk is the positive (+) terminal, 
the zinc disk is the negative (—) terminal. This is a 
voltaic pile, which Volta first reported in 1799. 

After Volta described his device in a letter to 
the Royal Society in London in 1800, the English 
chemist William Nicholson and the surgeon Anthony 
Carlisle used it to pass a current through water via 
brass wires and found that gases began to bubble 
from the immersed end of the wire attached to the 
zinc terminal. They used silver rather than copper as 
the other disk, and saw that the brass wire at this end 
became blackened by tarnishing. When they used 
platinum wires in place of brass, gas bubbled from 
both wires. They deduced that the gas produced at 
the negative terminal is hydrogen, and that at the 
positive terminal is oxygen—which reacted with and 
blackened brass, but not with less-reactive platinum. 
These two elements, hydrogen and oxygen, are 
the components of water (H,O), and Nicholson and 
Carlisle figured that they had split water into its 
elements—a chemical reaction—using electricity. 
This process became known as electrolysis, “lysis” 
meaning splitting in Greek. 








The electrolysis of sodium sulfate solution, with 
bromothymol blue added as a pH indicator 


“A battery is a source and sink of 
electrons, whose motion can be 
tapped to extract power.” 
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The electrolysis of sodium sulfate solution using platinum 
electrodes; hydrogen gas is produced at the left-hand 
218 Chapter 6 electrode, and oxygen gas at the right 


“Chemists figured they might be able 
to split substances into their elemental 
components by electrolysis.” 


Chemists figured they might be able to split 
other substances into their elemental components by 
electrolysis. Volta gave a pile to his friend, the English 
chemist Humphry Davy at the Royal Institution 
in London, who studied the electrolysis of the 
compounds “potash” (a general term for potassium 
salts like potassium carbonate and potassium 
hydroxide) and “soda” (sodium carbonate). He found 
that from molten potash he could collect globules of 
a soft silvery metal at the negative electrode, which 
quickly became covered with a white film. This is 
potassium metal. Soda yielded a similar substance, 
christened sodium. Both of these pure metals had a 
tendency to burst into flame if there was any moisture 
around: they are very reactive, and the reaction with 
water produces inflammable hydrogen gas. 

These experiments, which Davy reported in 
1808, were the first sightings of those two highly 
reactive metals. In that same year Davy went on to 
discover several other new elements by electrolysis: 
calcium, boron, barium, strontium, and magnesium. 

Several of these elements are very common in 
natural minerals. But they had never been seen in 
pure form before because their atoms react so readily 
with others, losing their electrons in the process to 
form positively charged ions. If the voltage produced 
by the voltaic pile was large enough—in effect, if the 
stack of disks was tall enough—then electrons could 
be forced back onto the ions present in the molten 
compounds. (It’s no good trying to do that in solutions 
of the respective salts, because those electrons will 
more readily impress themselves on hydrogen ions 
in the water to make hydrogen gas. In fact, Davy 
found that the same may happen if there are traces 


of moisture in the molten salts he used, whereupon 
the hydrogen could ignite as a bright flame at the 
electrode.) We can write the reaction for potassium 
(K) like this: 


Ki +e 3K 


Here e- represents an electron coming from the 
battery via the metal electrode. We give it the minus 
symbol to make sure that the electrical charges 
balance: the negative charge of the electron cancels 
the positive charge of the potassium ion. 

This looks a bit different from chemical equations 
we’ve seen earlier, though, because it doesn’t seem 
balanced: where has the electron gone on the right- 
hand side? Well, it has gone onto the potassium ion 
itself, producing a neutral potassium atom, as in the 
pure metal. 

That, then, is the process occurring at the 
negative electrode (called the cathode): the one 
that dispenses electrons. At the positive electrode 
(anode), electrons are in effect sucked into the metal 
wire. In this way they circulate through the entire 
circuit: out of the cathode, into the stuff in between 
(this electrically conducting substance between the 
electrodes is called the electrolyte), then out of the 
electrolyte and into the anode. So an electric current 
flows between the two terminals of the battery. If 
the electrolyte is molten potassium hydroxide, the 
hydroxide ions are converted at the anode into 
oxygen and water. It’s a somewhat complicated 
reaction to balance, but looks like this: 


40H — 2H,0 + O, + 4e 
These two electrochemical processes—one at 
the cathode, the other at the anode—are called the 


half-cell reactions, each taking place in one half of an 
electrochemical cell. The overall reaction resulting 
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from the two half-cell processes is the conversion 
of potassium hydroxide to potassium metal, water, 
and oxygen gas using electricity. And by “using 
electricity,” we mean that you need a source of 
electrical power—like a battery—to drive this reaction 
forward. Making metals like sodium and potassium 
from their abundant minerals costs energy. 

According to the definitions we introduced 
earlier, turning a potassium ion into a neutral atom 
in potassium metal is a process of reduction: the 
adding-on of electrons. The half-cell reaction at the 
other electrode is then a process of oxidation. It’s not 
immediately obvious what is being oxidized here, but 
in fact it’s the oxygen itself that has this distinction. 
Remember that a process of oxidation withdraws 
electrons, and that’s the net result here—for every 
hydroxide ion arriving at the electrode, an electron is 
being drawn into the circuit. 

The electrochemical processes that happen 
during electrolysis were explained in the early 
nineteenth century by Michael Faraday, the English 
scientist who began as Davy’s humble assistant 
at the Royal Institution and rose to become his 
colleague and successor—not without, it must be 
said, some chagrin from his mentor. It was Faraday, 
at the suggestion of his friend William Whewell, 
who proposed the terms ion, electrode, anode, and 
cathode, giving electrochemistry its lexicon. 


Electrolysis, as we see, can be used to turn metal 
ions into the pure elemental metal itself. For metals 
less reactive than sodium, potassium, magnesium, 
and their ilk, this process can work for electrodes 
dipped into a simple solution of a metal salt. Stick 
metal electrodes into copper sulfate, wire them up 
to a battery, and copper ions will be deposited on 
the negative electrode (cathode) as a thin film of 
brownish metal. If you make the other electrode (the 
anode) from copper metal itself, the half-cell reaction 
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“Electrolysis can be used to turn metal 
ions into the pure elemental metal itself.” 


here turns copper atoms into ions, replenishing 
those lost from solution. In this way, copper is in 
effect eaten away from the anode and transferred to 
the cathode. This is the basis of the process called 
electroplating—in this case, copper-plating. 

You can do it with all kinds of metals, provided 
they are not so reactive that water immediately 
reacts with and corrodes them. Metal objects can 
be silver-plated by using them as the cathode in a 
solution of a silver salt such as silver nitrate. One 
method of galvanizing steel—which means giving it a 
protective coating of zinc to reduce corrosion—uses 
electroplating in a solution of a zinc salt. 

The first use of electroplating, introduced only 
five years after Volta described his voltaic pile, was 
to coat items with gold. In this way, jewelry made 
from relatively cheap metals could be made to look 
like it was wrought from gold itself—and who would 
know the difference, so long as their evaluation was 
literally superficial? (Canny traders and metalsmiths 
had long known, however, that you could spot gold- 
covered fakes—they were formerly made by coating 
with fine gold leaf—by measuring their density, most 
metals being less dense than gold.) 

The Italian inventor Luigi Brugnatelli described 
the electrochemical process of gold-plating in 1805. 
By midcentury, gold- and silver-plating was being 
done on an industrial scale. Even if you were of 
modest means, you could now serve your dinner 
guests with what looked like luxurious silverware. 

Churches could enthrall worshipers with 
relatively inexpensive religious icons apparently 
fashioned from solid gold. By the end of the century, 
automobile manufacturers were already plating their 
fenders with the bright, reflective, and rustproof 
metal called chromium. 


“Even if you were of modest means, 
you could now serve your dinner 
guests with what looked like luxurious 
silverware.” 


Oddly enough, one application for which 
electroplating is not used is the silvering of mirrors. 
This has generally been done with a chemical 
rather than an_ electrochemical method. The 
“silvered” mirrors made from the Middle Ages until 
the late nineteenth century didn’t contain silver 
at all; their reflective coating, laid onto glass, was 
an amalgam—a liquid metal mixture—of tin and 
mercury, which could be smeared onto the glass 
surface and the mercury allowed to evaporate. But 
in 1835 the German chemist Justus von Liebig 
discovered a reaction that converted a silver salt to 
silver metal, and which could be used to deposit a 
layer of the metal so thin that it wasn’t prohibitively 
expensive. He improved the recipe in 1856, and in 
that same year his friend, the German inventor Carl 
August von Steinheil, began using the process to 
make mirrors for astronomical telescopes and other 
optical devices. Reflecting telescopes, in which 
carefully shaped mirrors gather and focus light onto 
a point, were best for making instruments with very 
wide apertures (thereby gathering more light), but 
the difficulty of making large mirrors of adequate 
quality had previously limited their scale. 

Liebigss method uses a mixture of silver 
nitrate and ammonia, plus a small amount of 
sodium hydroxide. Two ammonia molecules attach 
themselves to each silver ion, forming so-called 
silver diammine ions. When this solution is mixed 


The anode during the electrolysis of a sodium bromide 
solution; both oxygen bubbles and orange bromine are 
formed at this electrode 
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A transparent glass bottle covered by a layer of 
silver, made by the “silver mirror” reaction 
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Detailed view of imperfections in the silver layer 
made by the silver mirror reaction 
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A close-up view of silverware, showing 
both smooth and rough surfaces 


with a sugar such as glucose, the silver oxidizes the 
sugar and is itself reduced in the process: you might 
say that it plucks an electron from a sugar molecule, 
converting the metal ion to the elemental metal. If this 
reaction mixture is sprayed onto glass, a beautifully 
smooth and reflective film of silver appears: a redox 
reaction to delight the senses. 


Things don’t always go so _ smoothly—literally. 
Since the earliest days of electrodeposition, it has 
been known that metal films made this way can 
become rough or fluffy: some parts grow faster than 
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others, so the film develops tiny fingers or branches. 
These irregularities might only be visible under the 
microscope, but even so they destroy the smooth, 
shiny finish and make it look dull and matte. Seen 
close up, the surface might seem less like the mirror- 
flat surface of a lake and more like a jungle canopy. 

These branching processes aren’t easy to 
understand or predict, but it’s not so hard to see why 
such complications can arise. Only the positively 
charged metal ions are attracted to the cathode 
where the layer grows—negatively charged ions are 
repelled. But this means that the two types of ion 


are distributed unequally close to the surface, and a 
buildup of positive charge makes the metal ions repel 
one another. Will the surface attract them more than 
they repel each other? It all gets rather complicated 
and finely poised, and the process of film growth 
becomes prone to “instabilities” of the sort that 
make ice crystals sprout into snowflakes (chapter 
4). Deposition can end up behaving almost like 
some organic growth process, the metal branches 
resembling tiny coral reefs. 

This isn’t just a problem if you’re trying to make 
shiny metal coatings. It may also cause difficulties for 
batteries. In many traditional rechargeable batteries, 
the recharging process is a kind of electroplating 
that regrows metal terminals after they have partly 
dissolved during discharge. If the metal surfaces 
sprout branches, the electrodes don’t work as well as 
they did before, and it’s possible that the branches 
might even span from one terminal to the other, 
short-circuiting the battery. 

Batteries, then, are also electrochemical devices. 
Instead of using electricity to drive chemistry, as in 
electrolysis, they do the reverse, creating electricity 
from chemistry. They exploit a chemical reaction 
that produces energy—like the burning of a fuel or a 
candle—but the transaction of electrons is harnessed 
to capture them onto one electrode and dispense 
them from the other, in two half-cell reactions. 

Take the rechargeable lithium-air battery. This 
is a new type of device that some researchers 
think will replace the current breed of lithium-ion 
batteries. It gets its energy from the reaction of 
lithium metal with oxygen to make lithium oxides, 
and sometimes other lithium compounds; the exact 
reaction varies depending on the specific design. 
The key processes, however, are oxidation of lithium 
(releasing electrons) at the anode and reduction of 
oxygen (accepting electrons) at the cathode. When 


the battery is being discharged, these electrons flow 
through the circuit. 

Because lithium is a very lightweight metal, and 
its reactions with oxygen are very energetic, lithium- 
air (or lithium-oxygen) batteries should be able to 
pack a lot of power into a small, compact device: 
more so than lithium-ion batteries, and sufficient to 
give fully electric vehicles a large range before the 
power fades. If we can make this battery technology 
work safely, reliably, and cheaply, it could reduce our 
dependence on polluting fossil fuels for transport. 

To recharge a battery, you use an electrical 
power source to drive the reaction in reverse: in effect 
to push it “uphill,” just as you might use electrical 
power to pump water uphill into a dam reservoir. 
During recharging of a lithium-air battery, lithium 
ions are deposited back on the negative electrode 
as the pure metal. It’s quite common for this to grow 
into spiky metal whiskers called dendrites (see 
chapter 4). On each discharge-recharge cycle, the 
lithium electrode might become less like a flat plate 
and more like a thicket of branches. Eventually it'll 
break up or short-circuit—which, in the worst case, 
could make the battery catch fire. A lot of work is now 
going into finding ways to suppress these growth 
instabilities—for example, by using solid electrolytes 
(in which ions can move about in a solid lattice), 
which simply block the branches physically, or by 
using additives in the electrolytes mixture. Branched, 
whiskery electrodeposits can look lovely up close, 
but in technology they can be a headache. 


“If we can make lithium-air batteries 
work safely, reliably, and cheaply, 

it could reduce our dependence on 

polluting fossil fuels for transport.” 
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A silvery glint is one of the hallmarks of a metal, 
shared by elements from sodium and magnesium to 
iron and platinum, and even by liquid mercury. That, 
at least, is how a freshly exposed and smooth metal 
surface looks. Some metals don’t stay looking that 
way for long, however, thanks to chemical reactions 
on the surface that cause discoloration as the metal 
atoms combine with and lose electrons to atoms and 
compounds in the air: oxygen, carbon dioxide, water 
vapor. For highly reactive metals like sodium this 
happens within minutes. For iron it may take days; 
silver tarnishes over months and years, platinum and 
gold hardly at all. 

But why are they shiny in the first place? What is 
special about metals that gives them this distinctive 
sheen, in contrast to the appearance of, say, granite, 
paper, or skin? Partly its a question of texture: 
metals may be mirror-smooth, so when light reflects 
from them it does so cleanly, whereas for a rougher 
surface the light will be scattered randomly from pits 
and bumps. Brushed metals, in acquiring a field of 
tiny scratches, lose their shine. 

But the silveriness is also distinct from the 
opaque colors that even smooth, shiny surfaces of 
nonmetallic materials might have. It is a direct result 
of what truly defines a metal, which is a high electrical 
conductivity. Metals conduct electricity because they 
have many electrons that have drifted away from 
the constituent atoms and are free to move through 
the crystal lattice. Lone metal atoms are electrically 
neutral, but put many of them together and they 
will shed an electron or two into a common pool, a 
sort of sea of electrons that pervades the material. 
The metal ions they have escaped are like pebbles 
stacked in a filled bathtub, with the electron fluid 
filling the spaces in between like water. 

These mobile electrons are sloshy—and when 
light falls on the surface of a metal, the electrons at 
the surface are set sloshing. Recall that light is an 
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“Inside a gold ring, particles are 
dancing at close to the speed of light.” 


undulating electromagnetic field, so the electrons 
will respond to its wavy influence. They too vibrate, 
setting up their own undulating electric field—and in 
a way that perfectly cancels out the light’s field. This 
means that the light can barely penetrate the metal 
at all, and so it is reflected in a mirror-like manner. (If 
the frequency of the light is high enough, however, 
the electrons can’t vibrate fast enough in response— 
which is why ultraviolet light may penetrate further.) 

A metal that is not silvery but has a colored 
tint, like copper or gold, does slightly absorb some 
of the visible light, rather than reflecting it all. In 
those metals the absorption happens for light of 
shorter wavelength—in the violet and blue part of the 
spectrum—leaving a red or yellow bias in what gets 
reflected. 

But here is a peculiar thing. For gold, this color 
is imparted by the exotic consequences of Einstein’s 
theory of special relativity. According to this theory, 
objects that move at speeds approaching the speed 
of light experience an increase in their mass. It’s 
not that they somehow acquire more material from 
out of empty space; it’s just that each particle of the 
material gains mass. 

In gold, the atoms have such a big nucleus, 
with such a large positive charge, that the electrons 
closest to it get accelerated by the electric field to very 
high speeds: big enough to alter their mass due to 
this “relativistic” effect. The increase in mass makes 
the electrons orbit the nucleus slightly more tightly, 
and there is a knock-on effect that alters the energies 
of electrons further from the nucleus—the ones that 
make up the mobile electrons in the metal. Those 
shifted energies leave the metal slightly less shielded 
from blue light, which can penetrate and be absorbed. 





The yellow gleam that excited the lust of Cortés, 
then, was produced by one of the most bizarre 
phenomena in modern physics: an increase in mass 
induced by sheer speed. If you’re wearing a gold ring, 
particles are dancing within that dense metal at close 
to the speed of light, and in the process, they give 
the metal its hue. It transpires that these relativistic 
effects also account for gold’s low chemical reactivity 
and its resistance to corrosion—making it a potent 
symbol of permanence. Who would have guessed 
that this dangerous allure had such exotic origins? 


Gold crystals grown by depositing the 


metal from a gold-rich vapor 
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Gold crystals grown by depositing 
the metal from a gold-rich vapor 
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Close-packed copper balls 
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Images are very important to my understanding of 
chemistry. | have used them throughout my career 
to show how the phase transition that takes place 
in a mass spectrometer from solution to gas phase 
can perturb protein structures. | also use images to 
convey chemical processes. Here | think you can 
let your creativity run riot to convey what you think 
might be happening. 

Imagination is very important in science; art and 
imagery are powerful ways of making your ideas 
come to life. 


Professor Dame Carol Robinson, FRS, 
FMedSci University of Oxford 
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Color change of a purple carnation petal in 
sodium hydroxide solution, caused by the 
effect of the pH change on the pigments 


It's because of chemistry that the world is colorful. 

True, it is the physics of light that paints the 
rainbow, blues the sky, and ignites the iridescence 
of insect bodies and butterfly wings. But when it 
comes to the kaleidoscopic riot of a flower garden, 
the verdancy of a rainforest, or the pigments Monet 
used to paint his water lilies and van Gogh his wheat 
fields, we have chemistry to thank. 

A delight in color has led us to devise pigments 
and dyes, many of them synthetic chemical com- 
pounds discovered and accumulated over the ages. 
But nature does not indulge aesthetic whims, or at 
least not obviously. Color in the living world tends 
to serve a purpose. It might send out a warning 
signal: easily spotted yellow-and-black stripes 
advertise a creature’s toxicity or dangerous sting to 
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would-be predators. Conversely, colored markings 
might convey a come-hither message. They are 
widely used for sexual display; it is no mere figure 
of speech that makes us deride ostentatious dress 
as “peacocking.” (This tendency to parade in bright 
colors is almost universally confined to males in the 
animal kingdom, and no one knows why in many 
modern human societies it works the other way 
round.) 

Colors may be arranged into ingenious camou- 
flage, either by blending the hues and textures of an 
organism with those of its environment—as in the 
aptly named dead-leaf moth—or by dazzling and 
confusing predatory eyes with striking designs such 
as high-contrast stripes. (The zebra’s black and white 
markings, however, have a function still unknown; 


Color change of a purple 
Persian cyclamen petal 
induced by sodium hydroxide 


one leading theory suggests they are not camouflage 
but a deterrent to biting flies.) Animal markings can 
help members of a species recognize one another, 
preventing wasteful attempts at cross-species 
mating; some butterflies spot potential partners this 
way. (Nonetheless, frogs are rather prone to this 
error despite having prominent markings. There is 
no sign that they suffer social embarrassment as a 
result; as Mark Twain said, only humans blush, or 
need to.) 

It’s still something of a mystery why we find color 
so appealing. Sure, it makes good sense that our eyes 
are sensitive to chromatic distinctions, especially in 
the red-yellow-green range. Our primate ancestors 
would have needed not only to spot edible fruits and 
berries among the foliage but also to distinguish the 





hues that indicate ripeness from those that might 
leave the incautious forager with a stomach ache. 
But why do we take pleasure in hues? Why do we 
find them arousing, alluring, beautiful? 

Some researchers suspect we shouldn’t be too 
hasty to assume that the colors of nature are not 
viewed this way by other species too—that other 
animals regard them purely with a cold eye on their 
function. Who can say, really, if a bird contemplating 
the exotic plumage of a potential mate doesn’t feel 
an inkling of something like pleasure as well as 
instinctive arousal? A “reward mechanism” bestowed 
by hedonistic neurotransmitter molecules in the brain 
is, after all, an excellent prompt to action, impelling 
us to seek out what we enjoy. 
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Color change of a magenta carnation flower 
caused by sodium hydroxide 
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Color changes of various flower petals 
caused by sodium hydroxide 
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Red carnation in a bleach solution (the color 
changes first to yellow and then to transparent 
due to chemical degradation of the pigment) 
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Microscopic view of the color change of a red 
carnation petal caused by bleach 
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A red carnation petal transformed by sodium hydroxide 


Chromatic: The Curiosity of Color Changes in Plants 241 





Color changes of a magenta carnation flower in 
hydrochloric acid: the early stage of the reaction 


The change progresses 
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“Who can Say if a bird contemplating 
the exotic plumage of a potential mate 
doesn’t feel an inkling of something 
like pleasure?” 


In many animals, particularly mammals, the color 
palette is in truth not terribly broad or exciting. Most 
coloration of hair and skin comes from a class of 
pigment molecules called melanins, which vary 
slightly in their molecular structures to give a range 
of hues from tawny to red, brown, and black. Plants 
have a much more diverse array of pigments. Their 
foliage is greened by chlorophyll, which comes in 
two barely distinguishable molecular varieties. Both 
of them absorb sunlight strongly in the red and 
blue parts of the spectrum, leaving the green to be 
reflected. The energy of the absorbed light drives 
chemical reactions that convert carbon dioxide to 
sugars, which are used both for metabolism in the 
plant cells and to construct the cellulose polymers 
that make up plant cell walls and fibers. 

The yellow and red colors of plants and flowers are 
generally produced by pigments called carotenoids, 
which soak up blue and green light. The similarity to 
the word “carrot” is no coincidence: the words have 
the same Latin origin, for carotenoids—to be precise, 
the subgroup called carotenes—are responsible for 
the bright orange of that root vegetable. Carotenes 
have a molecular structure more or less equivalent 
to two molecules of the pigment retinal (a form of 
vitamin A) joined end to end. Retinal is the light- 
absorbing molecule in the retina of the eye, where 
it is chemically attached to proteins called opsins: 
light-activated molecular switches that initiate a 
nerve signal being sent to the brain’s visual cortex. 
Animals produce retinal mostly by snipping plant- 
derived carotenes in two in the gut—why make 
it from scratch if you can just eat it? (There is no 
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basis, however, for the old belief that a large intake 
of carotenes from carrots will improve your vision.) 

The third major class of plant pigments are the 
anthocyanins, which typically absorb mostly green 
light, as well as a little blue, imparting therefore a 
red color. They confer rosiness on apples, as well as 
pinkish-redness on the rose itself. 

When leaves begin to wither in the autumn, 
their chlorophyll molecules decay faster than the 
carotenoids and anthocyanins. As the leaves thereby 
lose their greenness, the yellows, oranges, and reds, 
which had always lurked unseen beneath the verdant 
surface, are revealed. Many leaves actively produce 
anthocyanins in the autumn, which are thought 
both to slow down the harmful chemical processes 
associated with leaf ageing and to help the plant as 
a whole retain nitrogen—important for its continued 
health through the winter and next growing season— 
when the leaves fall. Anthocyanins protect against 
ageing because they are “antioxidants,” able to 
soak up reactive forms of oxygen that can otherwise 
damage the delicate membranes of cells. It’s possible 
that these pigments can perform the same function 
in humans too, which is why consuming plants and 
berries rich in anthocyanins, such as blueberries, 
strawberries, or red grapes (as wine!), might slow 
the ageing process. That, at least, is the nice idea; 
whether it works is still debated, although oenophiles 
would like to think so. 


“As leaves lose their greenness, the 
yellows, oranges, and reds that had 
always lurked unseen beneath the 
verdant surface are revealed.” 





Color change of a prairie gentian petal in 
sodium hydroxide 


Chromatic: The Curiosity of Color Changes in Plants 245 





Microscopic view of fallen 
iUlcallavemcc\ePmeole-lalec-ver-laleInZ-)1(e\07 


pong 


; - 


a - 








IM Ifelcoksfere) )[e; view of fallen leaves turning — 
red, orange, and yellow 








Color changes of a green leaf in h 
acid: the early stage of the reaction 
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The final color after the reaction has occurred 
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Color changes of a green leaf in bleach 
(which destroys chlorophyll and other 


pigments): the beginning 
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The final color 
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Color changes of a cineraria flower in sodium 
hydroxide: the original flower 


Yellowing caused by the change in pH 
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I's not just as nutritional supplements that plant 
pigments have been useful to humans. In our craving 
for color, we have often turned to nature’s palette: 
the earliest textile dyes were generally extracted 
from plants. Sadly, though, it’s not always possible 
to simply transfer a color from a plant to cloth. You 
have to be able not just to extract the pigment 
molecules intact from the organism but also to 


attach them securely to the textile fibers, all without 
damaging the sometimes fragile compounds. As a 
rule these “organic” pigments, made from complex 
carbon-based molecules, are not terribly robust. 
They break down easily, especially when exposed to 





light. Chlorophyll might leave an inconvenient stain 
on white clothes when you take a tumble on grass, 
but you can’t get a good green dye out of it. 

All the same, some plant pigments have proved 
to be excellent dyes. One used since ancient times 
is indigo, a blue substance found in the leaves of 
plants of the /ndigofera family native to the tropics, 
especially in the Indian subcontinent. (India and 
indigo are etymologically related—as are Brazil and 
brazil wood, a source of a red dye.) Indigo can in fact 
be obtained from several plant species: the yellow- 
flowered brassica called woad, native to central Asia 
but long cultivated also throughout Europe, is another 


traditional source. The tribes inhabiting northern 
Britain during Roman times used it to decorate 
their bodies with blue tattoos; the name they were 
given by the Roman invaders, Picti or Picts, means 
“painted ones,” the Latin stem being the same as 
that in “picture.” 

Woad remained a common dye in Western 
Europe throughout the Middle Ages, although it 
was gradually displaced by indigo brought from 
colonies in India, which kept its color better. Indigo 
was traditionally used to dye the cotton cloth made 
in the French city of Nimes, which became known as 
“serge de Nimes’—or “denim” for short. 
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Another popular plant dye was madder red, 
extracted from the root of the madder plant. Here the 
colored substance is a compound known as alizarin, 
which is actually a mixture of several molecules 
with very similar chemical structures. Those slight 
chemical differences result in subtly different hues 
for each component, and the precise mixture in a 
batch of madder red dye determines whether it is 
purplish, rosy, or scarlet. Madder red, like indigo, 
has been used since ancient times, and it was the 
red used for the uniforms of the British “redcoats” 
in the eighteenth and nineteenth centuries. Red is 
often said to be a bold, martial color (there is some 
equivocal evidence that soccer teams wearing this 
color perform better on average), although popular 
belief has it that the sanguine hue was also good 
for military morale because it would disguise bloody 
injuries. Madder was one of the best dyes—a good 
batch would withstand sunlight and repeated washing 
without fading, and it was cultivated extensively in 
Europe to serve the textiles industry. The French 
called this dye garance, because it guaranteed 
chromatic steadfastness. 


Color change of a burgundy flower in 
sodium hydroxide 
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Color change of a burgundy flower in sodium hydroxide 
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Color change of a burgundy flower in sodium hydroxide 
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Blue hydrangea 


“The hydrangea is blue in acidic soil and 


pinkish-red in alkaline or neutral soil.” 
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One flower that derives its color from anthocyanins 
is the hydrangea—a favorite among gardeners 
because of its exuberant, showy blossoms the size 
of grapefruit, which vary in hue from pink to blue and 
purple. These are not, however, flowers in the strict 
sense: the colored blooms are an “inflorescence,” 
meaning that they are made not from petals but from 
modified leaves called sepals. Hydrangeas do have 
true flowers, but these sit small and all but unnoticed 
in the center of the bright heads. 

What’s curious about hydrangeas is that their 
variety of colors doesn’t reflect any variation in 
pigment. The pinks and blues both come from the 
same source: a single type of anthocyanin molecule 
called delphinidin. The differences in color result 
from tiny changes to this molecule depending on the 
acidity of the plant’s environment. In this respect, 
hydrangeas are a kind of natural litmus paper, 
which indicates changes in acidity via changes in 
color. Litmus itself, in fact, is derived from plants— 
certain species of lichen—and is a mixture of several 
different pigments that turn red in acids and blue in 
alkalis. Such color-changing chemicals are known as 
indicators, and they are an immense convenience 
in the laboratory. Acidity is measured using the pH 
scale: low pH (below 7) is acidic, high pH (above 7) 
alkaline. Lemon juice has a pH of about 2, baking 
soda a pH of 9. 

The hydrangea’s pigmentation has the reverse 
color change to that of litmus, being blue in acidic 
conditions and pinkish-red in alkaline (or neutral) 
conditions. In general, these conditions are set by 
the soil in which the plants grow: clay-rich soils 
are naturally alkaline, peaty soils are acidic. But 
gardeners can tamper with these conditions locally: 
they have been known to add vinegar or lemon juice 
(or with less justification, coffee grounds) to make 
the soil more acidic and cultivate blue blossoms. 


Here’s a puzzle, however. Although pure 
anthocyanin pigments, extracted from plants, also 
change color when exposed to acids and alkalis, 
they do so in the opposite direction to the plants 
themselves. In acid conditions the pigments are red 
(remember that this means it absorbs blue light), 
while they are purple when neutral and blue when 
alkaline. How can this be? 

This question foxed botanists and chemists 
for decades. In 1919 two Japanese botanists, the 
brothers Keita and Yuji Shibata, suggested that the 
blue color of anthocyanin-producing plants is due not 
to the inherent color of the pigment molecule itself, but 
to a compound formed when metal ions get attached 
to it. The matter remained controversial for many 
years, but in 1958 Japanese chemist Kozo Hayashi 
and his colleagues extracted a blue substance from 
the Asiatic dayflower Commelina communis that they 
called commelin, which they found to be a mixture 
of ingredients: not just anthocyanin but also a type 
of pigment called a flavone, along with magnesium 
ions. At the same time, Ernst Bayer in Germany 
reported that the color of blue cornflowers is affected 
by iron and aluminum ions. 

It was only in the 1990s that scientists began 
truly to understand how these colors arise. Blue 
colorants like commelin in cornflowers are actually 
complex but rather beautiful clusters of molecules: 
typically, alternating pairs of anthocyanins and 
flavones stacked together and arranged like petals 
around the central “head” of a metal ion, as if they 
are themselves molecular-scale flowers. In some 
other blue flowers, such as the Californian desert 
bell and morning glory, anthocyanin pigments are 
linked to other molecular groups by sugar molecules 
and stacked on top of one another like the two 
bread slices of a sandwich. Nature is ingenious and 
inventive in how it arranges these floral pigments. 
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Color changes of a pink hydrangea sepal in aluminum 
nitrate solution 


Several other blue-pigmented flowers get 
their colors from somewhat less elegant jumbles 
of pigments and metal ions. Hydrangeas are like 
this. Their delphinidin pigment changes its color 
depending on how much aluminum it binds. Soils 
are typically full of aluminum—it’s a key component 
of most common minerals, such as clays. But that 
doesn’t mean plants have access to these ions. In 
neutral or alkaline soils, aluminum combines with 
hydroxide ions to form aluminum hydroxide, which 
is rather insoluble and so isn’t carried into plants by 
moisture. 

Only if aluminum ions are available inside the 
plant’s tissues will the sepals go blue—a process 
involving some quite complicated chemical reactions 
that are not fully understood even now. That’s why 


262 Chapter 7 


the best way to make your hydrangeas blue is to add 
to the soil the compound aluminum sulfate, which can 
be bought commercially by the bag. This blueing can 
also be induced by spraying an aluminum-containing 
solution directly onto the sepals. In fact, because 
the colors generated by this method depend on how 
quickly the aluminum solution diffuses through the 
plant tissues, it can result in striking red and blue 
patterns on a single plant. But you need to be careful 
about manipulating the flower color this way: too 
much aluminum will kill the plant. 

I's possible to alter the colors of hydrangeas 
in other ways too. The strength of the sepal color 
depends on how much of the pigment the plant 
produces, and changes in the plants’ genes can 
influence this—either by selective breeding, which is 





how horticulturalists have grown new plant varieties 
for centuries, or by genetic engineering. If the 
genes dictate that there is virtually no anthocyanin 
production at all, the sepals are white. Researchers 
have also found that they can make yellow 
hydrangeas by treating white-sepaled plants with a 
compound of the metal molybdenum. 


“Nature is ingenious and inventive in 
how it arranges floral pigments.” 
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Microscopic views of a blue hydrangea sepal 
after bleaching 
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How far can flower colors be altered by chemical or 
genetic means? Of all the flowers horticulturalists 
have sought to grow in new varieties, none has been 
afforded as much attention as the rose. It’s now very 
easy to buy varieties of rose ranging from white to 
yellow, peach and pink, carnation-red, and even 
“black” (actually more of a dark maroon). But flower 
lovers have long been tantalized by the prospect of 
a blue rose—like those given by Prince Rhaegar 
Targaryen to Lady Lyanna Stark in George R. R. 
Martin’s Game of Thrones series. Are they, though, 
just a fiction too? 

Not anymore. In 2004, a collaboration between 
the Australian biotechnology company Florigene 
and the Japanese distilling company Suntory 
produced roses genetically engineered to create 
the blue anthocyanin pigment found in hydrangeas. 
However, because the researchers weren't able to 
fully prevent the plants from producing the normal 
rose-colored pigment too, the flowers were in fact 
more of a lavender shade. A different kind of blue 
rose was made in 2018 by researchers in China. 
They injected into rose petals an engineered strain 
of the Agrobacterium bacteria that delivered two new 
genes to the plant. These genes encoded enzymes 
that convert a common amino acid in the petals to a 
blue pigment related to indigo. The bacterium was 
just a convenient carrier: the two pigment-making 
genes were taken from a different bacterial species, 
but Agrobacterium is especially adept at inserting 
new genes into the DNA of plants. When the bacteria 
were added to white roses, a blue color spread from 
the injection site—although it was rather patchy 
and faded quickly. The researchers intend next to 
engineer the roses themselves to contain the blue- 
pigment genes. 

Florigene and Suntory have made_ other 
unusually colored flowers using genetic modification. 
Natural carnations may be white, yellow, and red but 
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not blue. Yet by inserting an anthocyanin-pigment- 
making gene from petunias into a carnation, the two 
companies made a purple variety in 2003. 

What should we make of these efforts to 
transform the palette of the floral world? Some 
might recoil at the thought of transgenic plants on 
their dining table. But it’s worth remembering that 
there is scarcely a plant cultivated today, whether 
for foods or for sheer aesthetic enjoyment, that has 
not had its genes carefully tuned by a long history of 
selective breeding and hybridization. And nature is 
promiscuous with genes in the first place: plants can 
swap genes with one another naturally, and Agro- 
bacterium delivers new genes into plants in the wild 
too. Such exchange of genes has had a significant 
impact on the way plants have evolved. 

What’s more, evolution has enabled plants to 
modify pigment-making genes with gusto from just 
a few basic themes, producing a bewildering variety 
of brightly colored molecules in different species. 
So nature—a far more inventive and daring chemist 
than we humans—can hardly begrudge us taking a 
little license ourselves. 


“There is scarcely a plant cultivated 
today that has not had its genes 
carefully tuned by a long history of 
selective breeding and hybridization.” 
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between sodium and water using a heat- 
sensitive (thermal) camera; the maximum 
temperature registered here (white) is 
160°C, the minimum (black) is 28°C 


3 CALESCENT: THE HELPFULNESS 
OF HEAT 


Temperature changes produced by adding a drop 
of concentrated sulfuric acid to water; the maximum 
temperature (white) is 104°C 
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Temperature changes produced by adding a drop of 
concentrated sulfuric acid to water 


We see such a small slice of reality that it is a wonder 
we manage in the world at all. 

In our day-to-day business it’s easy to forget 
this. We’re inclined to imagine that we simply see 
what is out there in the world, completely and 
comprehensively (unless our vision is obscured by 
mist or smoke, dirty spectacles or failing eyesight). 
But the light our eyes can register offers only a 
narrow window on the world. The universe is awash 
with “light” we can’t discern, because it falls outside 
our visual range, just as there are sounds too high 
or low in pitch to make any impression on our ears. 
It’s rather as if, in a performance of Mozart’s Jupiter 
symphony, we were able to hear only the middle Cs. 
How woefully limited that experience would be! 

Here’s an example of what we’re missing. Say 
we fill a small glass dish with water and add to it 
a single drop of concentrated sulfuric acid. Both 
liquids are colorless, so what is there to see? There 





is nothing; the drop of acid might as well be more 
water. A small ripple radiates as the drop strikes and 
merges, and that’s all. 

But let’s look again using a thermal camera, 
which can “see” a kind of light beyond the range 
our eye can register—infrared radiation, which 
is emitted by warm substances. Now this same 
process is revealed as a phenomenon full of wonder 
and beauty. As the acid meets the water, there is an 
efflorescence, a burst of this “invisible light” which 
might put us in mind of bright jets of flame streaming 
from the surface of the sun, or of a galaxy of shining 
stars erupting into the dark cosmos. Something is 
happening that we could not see before. There is an 
outburst of heat, entrained with the swirling tendrils 
of liquids mixing, as if we have made a droplet of 
glowing ink. It is a hitherto invisible signature of 
chemistry at work. 
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The reaction between anhydrous copper sulfate 
and water, which forms hydrous copper sulfate 
and liberates heat 
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The same reaction seen by a thermal camera 
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What is this “invisible light” that stands proxy for the 
production of heat? Come back to that orchestra 
creating the surging melodies and harmonies of 
Mozart, encoded in a miraculous mélange of sound 
waves. We can regard these vibrations as a mixture 
of simple undulations with various frequencies—or 
equivalently, various wavelengths. A pure tone— 
roughly speaking, a single musical note—has a 
unique wavelength that corresponds to the repeating 
distance between one “peak” of the wave and the 
next. The shorter the wavelength, the higher the tone. 

Light, like sound, is a vibration. But whereas 
sound is a vibration in air, light is a vibration of a 
more abstract kind. As we saw earlier, it is an 
electromagnetic wave: an undulation in electric and 
magnetic fields that mutually sustain one another as 
they propagate through space. Sound cannot pass 
through the vacuum of outer space, since there is no 
airto vibrate. Buta light wave can do so, its constituent 
electric and magnetic fields bootstrapping their way 
across the cosmos. Light created in the furnace of a 
star can traverse the universe at a speed of 300,000 
kilometers each second. Even at that extraordinary 
speed, thousands of years might separate the 
moments when it leaves the star and when it falls 
through the eye of a telescope here on Earth, and so 
we will see the star as it was when, say, the pyramids 
of Egypt were being built. 

The Sun is a star too, of course, and our eyes 
have adapted to respond to the wavelengths at 
which its light is most intense. This attunement 
makes evolutionary sense, for the light flooding 
most abundantly onto our environment conveys the 
richest information about what is around us. If, in 
contrast, our eyes had evolved to see X-rays, with 
wavelengths much shorter than those of visible light, 
they would struggle to pick up much illumination on 
Earth, because sunlight has only a very low intensity 
at those wavelengths. (Eyes like ours could not really 
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evolve to see X-rays anyway, because these rays 
are too energetic and destructive to molecules.) 

All of these are very short waves. The wavelength 
of visible light ranges from about 770 to 430 millionths 
of a millimeter. The former corresponds to red 
light, the latter to violet, and in between lie yellow, 
green, blue, all the colors of the rainbow. Light of 
these wavelengths typically has the right amount of 
energy to boost electrons in molecules and atoms 
from one energy state to another. These electrons 
have only certain “allowed” energies, like rungs of 
different heights on an upright ladder, and they can 
change their energy only by stepping from one rung 
to another. The rungs have different heights for 
different atoms and molecules, so the colors that 
chemical substances absorb from sunlight can offer 
clues about which atoms (or groups of atoms) they 
contain. 

Compounds containing copper atoms, for 
instance, commonly absorb red light—the electrons 
in copper can be boosted between energy states by 
light of that wavelength—and so they reflect only 
blue and green, and take on those hues: blue copper 
sulfate, the phthalocyanine blue of old Penguin book 
covers, the turquoise of verdigris. 


“As the acid meets the water, there is 

a burst of ‘invisible light’ which might 
put us in mind of bright jets of flame 
streaming from the surface of the sun.” 





Dissolving sodium hydroxide in water, as seen 
by a thermal camera 


Sprinkling table salt on ice 


Light with wavelengths somewhat longer than 
that of red light is called infrared, while light with a 
rather shorter wavelength than violet is ultraviolet. 
Our visual system can’t register this radiation, but 
the eyes of some animals can. Bees and some 
other insects, for example, can see in the ultraviolet 
range. Some flowers contain pigment molecules that 
absorb ultraviolet, and so they will look quite different 
to bees than they do to us: a flower with petals that 
seem to us to be uniformly yellow, say, might have a 
variegated pattern for bees, perhaps helping to guide 
them toward the best sources of nectar. 
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The entire electromagnetic spectrum is much 
broader than this. The wavelengths of ultraviolet 
light can be as short as around 10 millionths of a 
millimeter, below which we classify the light instead 
as X-rays—or, below about 0.01 millionths of a 
millimeter, as gamma rays. The Sun, as we said, 
emits only a little of its radiance in the form of X-rays, 
but some astrophysical objects, such as white dwarfs 
and neutron stars, are bright X-ray sources. For this 
reason, astronomers build X-ray telescopes that see 
objects not easily discerned at visible wavelengths, 
disclosing a hidden universe. 





The same process as seen by a thermal camera; 
minimum temperature —15°C, maximum 33°C 


At the other extreme, light with wavelengths 
longer than about a millimeter is called microwave 
radiation—and then, beyond several tens of 
centimeters, it becomes radio waves. These can 
have wavelengths of up to hundreds of kilometers; 
indeed, there is not really any limit to the wavelength 
electromagnetic undulations can have. Observing 


“Astronomers build X-ray telescopes 
that see objects not easily discerned 
at visible wavelengths, disclosing a 
hidden universe.” 


the universe at these wavelengths using radio 
telescopes is a particularly rich and revealing 
enterprise in astronomy, showing us for example 
where vast clouds of relatively “warm” gas reside 
that look like mere dark voids through a visible-light- 
based telescope. Those clouds are the birthplaces of 
new stars and planets. 
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Urea pellets 
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Dissolving urea pellets in water: an exothermic 
process seen here in a thermal camera; minimum 
temperature 22°C, maximum 33°C 
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The reaction of concentrated sulfuric acid with paper 
(cellulose fibers) 
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A thermal view of the reaction; minimum temperature 28°C, 
maximum 70°C 
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Thermal imaging of the reaction between sodium and water 


A thermal camera images heat. More precisely, it 
detects infrared radiation, which is emitted by warm 
bodies. We can’t see infrared but we can feel it. If 
you turn on an electric bar heater or the hob of an 
electric cooker, you will feel it get warm before it 
begins to glow. That glow is the light produced when 
the vibrations of hot atoms excite electromagnetic 


waves. The hotter the object, the further its emission 
shifts toward short wavelengths: red, then white 
(when it is emitting strongly throughout the visible 
range, like the Sun), and if it gets hotter still, a bluish 
tinge. Infrared radiation coming from a warm object 
is no different in kind from this red or white light; it 
just has a slightly longer wavelength. 
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A thermal camera contains a material that can 
absorb infrared radiation and convert the energy to 
an electrical current. These absorbing substances 
are generally semiconductors akin to silicon, and 
include the compounds indium antimonide and 
mercury cadmium telluride (“MerCadTel”). The more 
intense the radiation, the larger the current. The 
camera converts this current, varying from place to 
place on the sensing screen, into an image that we 
can see: typically, the brighter the image, the more 
intense the heat. Some thermal cameras use a kind 
of color-coding in which greens and blues indicate 
cooler regions and reds and yellows represent 
warmer ones. (That’s the reverse of nature, where 








Thermal image of urea pellets dissolving in water 


blue-hot is hotter than red-hot—but it conforms with 
our intuitive notion of “cool” and “hot” colors.) 

Thermal cameras are used for night vision, for 
example in surveillance and military operations. 
Humans show up as bright, warm objects against a 
dark, cool background. Some animals have sensing 
systems that register infrared radiation—heat—in 
the same manner, an ability called thermoreception. 
They put it to the same use: to see in the dark, and in 
particular to spot prey. Some snakes hunt this way, 
while vampire bats use thermoreceptors to locate 
parts of animals warmed by blood flow—so that they 
know where to bite. 


“Some snakes hunt by sensing thermal 
infrared, while vampire bats use it to 
locate parts of animals warmed by 
blood flow.” 
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Thermal imaging of the progress of the reaction of 
sodium hydroxide solution and hydrochloric acid 
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This, then, is how thermal imaging can reveal details 
of chemical processes that might be invisible to the 
naked eye: reactions that are generating heat. It was 
not merely because of a superficial resemblance 
that | compared the thermal image of sulfuric acid 
meeting water with the stellar swirls of galaxies. 
Truly, seeing the universe at a different wavelength 
window reveals structures otherwise unguessed. 

But now we have something new to explain. For 
here we are, adding sulfuric acid already dissolved 
in water (albeit only a little) to more water, both of 
them liquids at room temperature, and yet their mere 
mixing creates heat. How can that be? Where has 
this heat energy come from? 

We've seen already that chemical reactions 
may generate heat. That’s what happens during 
combustion, whether in the gently flickering flame 
of a candle or the furious frenzy of detonated rocket 
fuel or dynamite. We saw how the reshuffling of 
atoms into new permutations can release some 
of the energy held in their bonds, producing more 
stable arrangements. 

The same may be true even in reactions that 
appear innocuous to the eye. Consider another 
apparently anodyne union of colorless liquids: a 
solution of sodium hydroxide (an alkali or base) 
mixing with dilute hydrochloric acid. That’s the 
classic “neutralization” reaction, whereby an alkali 
and an acid “cancel” one another to produce (if the 
respective quantities are in perfect balance) a neutral 
solution of a salt, neither acidic nor alkaline. 


We can write it like this: 


NaOH + HCl—NaCl+H,O 
Alkali/base acid salt water 


The simple-looking equation conceals a wealth 
of complication. All these substances are dissolved, 
meaning that the sodium atoms (say) are not 
chemically bonded to the hydroxide (OH) or to 
chlorine but are present as electrically charged 
atoms (ions) surrounded by water. What’s more, 
each of these ions—sodium, hydroxide, chloride— 
sits among water molecules arranged in such a way 
that the ion is adjacent to those parts of the water 
molecules with opposite electrical charge, creating a 
kind of shell that helps to “shield” the electric field of 
the ion and to make it more stable. 

But if that’s so, does the situation of the sodium 
ions really change at all from the left-hand to the 
right-hand side of the equation? And what about that 
hydrogen in the hydrochloric acid? It too is an ion: 
a positively charged hydrogen ion, which is simply 
a bare proton. Except that it isn’t really, because 
such ions tend to stick to water molecules in rather 
complicated ways. 

So in truth, the changes going on at the molecular 
scale when these two solutions are brought together 
are rather subtle and hard to describe—much more so 
than is usually admitted to the school student learning 
about the neutralization of acids and alkalis. But the 
result of these changes is that the combined energies 
on the left-hand side of the equation are greater than 
those on the right. The reaction releases energy, and 
the liquids get warmer as they mix and react. 

Why, though, should adding concentrated 
sulfuric acid to water also produce heat, since at 
first glance there seems to be no chemical reaction 
happening here at all? The acid is simply being 
diluted, isn’t it? But hidden changes are afoot. In the 
concentrated acid, the atoms may be united in an 
entire molecule with the formula H,SO,,. In water, this 
can fall apart: a hydrogen ion (the basic currency of 
all common acids) is shed, leaving behind a bisulfate 
ion HSO; That may disintegrate further into another 
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Thermal image of the reaction of 
sodium and water 


hydrogen ion and a sulfate (SO) ion. So bonds are 
broken, but there are also compensating interactions 
between the ions and the shell of water molecules 
surrounding them. Once again, these molecular- 
scale changes have a delicate cost-benefit balance 
of energies that results overall in a net liberation of 
energy into the solution: it gets warmer. 

Actually, it can be rather more extreme than 
that. Pouring very concentrated sulfuric acid into 
water can increase the temperature so much that the 
mixture may boil and splash dangerously. So diluting 
an acid like this must be done with care: you should 


add the acid in small amounts to a lot of water, not 
the other way round. 


The notion that these transactions, these atomic 
unions and divorces, happen in a way that brings 
about the greatest net stability—a lowering of 
chemical energies, with the balance discharged as 
heat—feels somewhat intuitive. It seems tantamount 
to saying that water falling as rain onto the land 
eventually settles into pits and vales. 

But not so fast. For what is being reduced to a 
minimum in these reactions is not necessarily the 
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Thermal image of concentrated 
sulfuric acid mixing with water 


total energy contained in the chemical bonds, with 
the energy of the reaction products sitting at a lower 
level than that of the initial reacting substances. Some 
reactions don’t generate heat, but co/d. That’s to say, 
they take in heat from their surroundings, producing 
a drop in temperature and leaving the products with 
more energy than the reactants. Such reactions are 
said to be endothermic (“taking in heat”), in contrast 
to exothermic reactions that give out heat. 

For example, mixing the dry white powders of 
ammonium chloride and barium hydroxide induces 
a swap of partners, producing barium chloride and 


Thermal images of the evaporation of water (left) and ethyl 


acetate (right): liquids absorb heat as they evaporate, producing 
cooling; the more volatile ethyl acetate evaporates faster and so 


lowers the temperature more 


ammonium hydroxide. Some of the latter compound 
then decomposes into ammonia gas—it’s a pungent 
process!—and water. This mixing also elicits a drop 
in temperature that can be sufficient to freeze water, 
plummeting to a frigid minus 20°C or so. 


“The molecular-scale changes have 
a delicate cost-benefit balance 

of energies that results in a net 
liberation of energy.” 
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What is happening here? Chemical reactions 
are not just about finding configurations of atoms 
that minimize their overall energy. There is another 
factor determining the direction in which they will 
proceed, and it is called entropy. Roughly speaking, 
a system’s entropy reflects the disorderliness of its 
atoms. The entropy of a solid, with all the atoms 
stacked together in a regular fashion, is lower than 
that of a gas, where the atoms or molecules are free 
to wander around in chaotic manner. The entropy 
of a liquid lies in between these two. More strictly, 
the entropy of a system is a measure of how many 
different configurations the constituent particles 
can adopt that are to all intents indistinguishable. 
There are many, many more atomic arrangements 
in a disorderly, random gas, each equivalent to one 
another, than there are in a regular solid. 

Reactions are promoted if they lead to an 
increase in entropy. That’s to say, there is a balance 
of two factors to consider. Lowering the energy 
(technically, it’s called enthalpy in this context) is 
good, but so is raising the entropy. So increasing 
the energy of the reactants—by taking in (heat) 
energy from the surroundings—is permissible if it is 
compensated by a suitably large increase in entropy. 
It is like saying that you have two bank accounts 
that can be tapped for funds on the stipulation that 
they must remain in credit overall. You can go into 
overdraft on one account if there is at least enough 
in the other to compensate. 

Endothermic reactions come out in credit on 
account of their entropy gain. Mixing solid barium 


Thermal image of the reaction of concentrated 
sulfuric acid and paper 


Thermal images of the endothermic (heat-absorbing) 
reaction of barium hydroxide octahydrate and 
ammonium chloride; minimum temperature —2°C 


hydroxide and solid ammonium chloride to make 
another solid plus aliquid (water) anda gas (ammonia) 
creates a sufficient bonus in entropy to counteract 
the increase in energy (enthalpy), so that the 
reactants can “borrow” heat from their surroundings. 
This balance is expressed as a quantity called free 
energy, which tells you how much useful work can 
be extracted from a chemical process—a question of 
prime interest to the engineer. 

Entropic benefits are greater at low temperatures 
than at high temperatures. A hot environment has 
a lot of entropy to begin with, so there’s less to 
be gained by adding to it further. So this balance 
of enthalpy and entropy—and consequently the 
direction a reaction takes—is contingent on the 
temperature at which it occurs. 

This accountancy of energy and entropy is 
another aspect of the science of thermodynamics, 
which we encountered earlier in the context of 
combustion (chapter 5). It’s the central arbiter of the 
possible in chemistry: the determinant of whether or 
not a chemical process can happen in principle. lf you 
want to ask “Could | in principle make this molecule 
or this compound from these starting ingredients?,” 
thermodynamics can tell you the answer. 

What thermodynamics cannot tell you is exactly 
how to do so. It is clearly worth knowing whether 
something is possible or not in principle, before you 
start trying to do it. But much of the art of chemistry 
revolves instead around that how. Just how might | 
put this molecule together, get this bunch of atoms 
into the structure and configuration that | want? 
The challenge can be enticing and infuriating, the 
answers often ingenious, elegant, and stylish. That 
is what chemical synthesis is all about, and it is 
the fulcrum of the chemical art, the apotheosis of 
chemistry as a creative discipline. 
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Atkins, P. W. What Is Chemistry? Oxford: Oxford University 
Press, 2013. 


Newman, E. A., and P. H. Hartline. “The infrared vision of 
snakes.” Scientiyc American March, 116-127 (1982). 
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Thermal image of the endothermic 
reaction between baking soda (sodium 
bicarbonate) and vinegar (acetic acid) 


A normal (visible light) view of 
the process 


“Thermodynamics is the central 
arbiter of the possible in chemistry.” 


A curious thing about the way in which chemistry 
exercises its hold on us is how this evolved from 
the macroscopic to the microscopic molecular. 
Stinks, bangs, crystals, colors—those were the 
attractors for the youthful minds of Oliver Sacks 
and Primo Levi. Danger played a part, of course— 
in the explosive gunpowder inexpertly mixed by a 
child, or even in the bleach formed in someone’s 
innards in a cure hawked on the internet today. The 
spiritual resonance which made chemistry beautiful 
was that of transformation. Change is essential, 
always interesting, and can be threatening. 

Today I, and | think most chemists, see molecular 
beauty primarily in the microscopic—in the shapes 
and metrics which X-ray crystallography has 
revealed for a round million molecules. 

| want more for us. | long for multisensual 
pathways between the microscopic and macro- 
scopic. Innovative graphics and virtual reality may 
provide this—energy changes felt in a cartoon 
thermometer, if not in your hand; the addition of 
orbital pictures and electronic transitions to color a 
molecular formula before your eyes; dynamic ways 
to follow the consequences of molecular collisions, 
of energy and entropy changes in a reaction. This 
will be done, and sooner than we think. 


Roald Hoffmann 
Nobel Laureate in Chemistry, 1981 
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Chemistry is sometimes said to sit between physics 
and biology, uniting what is inanimate with what is 
alive: the crystal with the cell, rock with flesh. Both, 
in the end, are made from substances comprised of 
atoms joined by the rules of chemical bonding. 

It's true. But that’s to make chemistry neither 
quite one thing nor the other: lacking both the 
mathematical precision and symmetry of physics 
and the rich, vital profusion of biology. 

Actually, chemistry has both of these qualities! 
But it is not merely a bridge and mediator between 
these other scientific disciplines. It has its own rules 
and its own aesthetics. They are informed by physics 
and they inform biology, but they have a life of their 
own. 

If you want to see that this is so, consider the 
chemical garden. 

That’s what you’re looking at in these images. 
The bulbous growths resemble something that has 
sprouted organically: yeast can look a bit like this 
under the microscope, and so can fungal spores. If 
you inspected a meteorite and saw structures like 
these, you might imagine that the rock has come 
through space from an inhabited world. 

But these marvelous formations are a product of 
inorganic chemistry alone, with not a living organism 
in sight. What this tells us is that we have intuitions 
about what living things look like (vegetative, 
branching, irregular) and what gets made in nonliving 
processes (symmetrical, sharp-edged)—and these 
intuitions can be wrong! 

Or are they? Crystal gardens aren’t just 
an example of chemistry mimicking life. Some 
researchers think they, or something like them, might 
show us how life on our planet really began: how 
biology did indeed emerge from nothing more than 
simple chemicals, maybe as much as four billion 
years ago when the Earth was young. 
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“We have intuitions about what 
living things look like and what gets 
made in nonliving processes—and 
these intuitions can be wrong.” 





Chemical garden structures formed by zinc sulfate 








An iron(IIl) chloride chemical garden 





When chemistry as a science was still in its 
infancy around four centuries ago, intuitions about 
structure and form were pretty much all that natural 
philosophers had to go on in trying to interpret the 
forces that shape our world. So when they discovered 
chemical gardens, they took a rather casual attitude 
to whether these systems should be regarded as 
animal, vegetable, or mineral. 

The first detailed description of how to make a 
chemical garden appears in a book published in 1646 
by the German-Dutch chemist Johann Glauber. Like 
many chemists of that time, he was a practical sort of 
fellow who made a living producing useful substances 
like drugs and medicines and studying commercially 
important chemical processes like winemaking. In 
his book, Glauber described how to make a metal 
such as iron “grow like a tree with a body, boughs, 
branches and twigs.” It required a liquid that Glauber 
called “liquor of flints” or liquor silicum, which today 
we recognize as a silicate solution—silicate being a 
key component of stones and rocks. Stones don’t 
usually dissolve in water, but you can get a mineral 
like quartz (sand) to do so by boiling it up with a 
strong alkali. Glauber made his liquor silicum by 
melting sand and potash in a crucible and grinding 
up the product. It turns into a viscous liquid when 
exposed to moist air, later called “water glass’—for it 
is indeed rather like a liquid form of glass, the silicate 
ions linking into polymer-like chains. 
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If you add /iquor silicum to a salt made by 
dissolving a metal like iron in a strong acid, the 
garden starts to grow. The process is, Glauber wrote, 
“very pleasant to behold, the growth being very swift, 
so as within an hour and a half, or two hours at the 
most, the whole glass is fill’d with little iron trees’— 
these forms having the familiar rusty red hue of iron 
compounds. If you used copper instead of iron, the 
trees were malachite green. Lead and tin made 
white formations, silver and cobalt produced blues, 
and gold—if you could afford it—made yellow. With 
several metal compounds mixed together in a single 
flask of water glass, you can produce a multicolored 
chemical garden: a rainbow wonderland of shoots, 
bulbs, and branches. 

It’s no wonder they enthralled so many scientists 
who came after Glauber. Isaac Newton, who was 
very interested in chemistry (which he thought of as 
alchemy), wrote a manuscript about the “vegetation 
of metals” that he believed he was witnessing in the 
chemical garden. He thought that this “vegetation’— 
growth that generated organic-looking, twisty 
branches—was basically the same in metals as 
it was in plants and animals, driven by a formative 
agency that is present in all of nature. 

You might detect here an echo of the rather 
mystical ideas that Johannes Kepler invoked to 
explain the snowflake (chapter 4). But the idea that 
chemical gardens had something to do with life didn’t 
go away. On the contrary, it got stronger. A German 
chemist called Moritz Traube, smitten by these 
beautiful structures in the mid-nineteenth century, 
figured that they had similarities to biological cells. 
(Only at the start of that century had biologists begun 
to suspect that all living things are made of cells.) 
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True, these branchlike formations are much 
bigger than cells and have a different shape—but 
the similarity consists in the fact that both structures 
are hollow and have an inside and an outside 
separated by a thin, soft membrane through which 
water and dissolved substances can permeate. 
This permeability is important for cells, because 
it is one way in which chemicals can get in or out. 
You can see that process in action as a dried fruit 
swells when soaked in water, the water seeping into 
its cells by osmosis and blowing them up like water- 
filled balloons. 


“The idea that chemical gardens 
had something to do with life didn’t 
go away. On the contrary, it got 
stronger.” 


A copper nitrate chemical garden 
































Structures formed from zinc sulfate PNaalenevalleleamicesamcyeliréicc) 
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Copper nitrate Cobalt(Il) chloride 
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Cobailt(Il) chloride; the line dividing 
the pink and blue regions is where 
the structure contacts the glass wall 
of the container 
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In chemical gardens, the “trees” are tubes of a 
silicate material, formed by the linking of silicate ions 
in the water glass solution and tinted in lovely ways 
by metal ions. It’s a very different fabric from the 
lipid membranes of cells, but both are thin, flexible, 
permeable, and capable of growth. These silicate 
membranes blossom and sprout into irregular, 
branching forms that put us in mind of brightly 
colored flower beds, fungi, and coral reefs. In the 
early twentieth century the French biologist Stéphane 


Leduc was fascinated that ingredients as assuredly 
inanimate as dissolved rock and metal salts could 
mimic plants and animals in this way. Thomas Mann 
witnessed them and—again displaying his scientific 
sensibility—described them delightfully in one of his 
most famous novels, Doctor Faustus (1947): 


| shall never forget the sight. The vessel of 
crystallization was three-quarters full of slightly 
muddy water—that is, dilute water-glass—and 
from the sandy bottom there strove upwards a 
grotesque little landscape of variously coloured 
growths: a confused vegetation of blue, green, 
and brown shoots which reminded one of algae, 
mushrooms, attached polyps, also moss, then 
mussels, fruit pods, little trees or twigs from trees, 
here and there of limbs. It was the most remarkable 
sight | ever saw, and remarkable not so much for 
its appearance, strange and amazing though that 
was, as on account of its profoundly melancholy 
nature. For when Father Leverkthn asked us what 
we thought of it and we timidly answered him that 
they might be plants: “No,” he replied, “they are not, 
they only act that way. But do not think the less 
of them. Precisely because they do, because they 
try to as hard as they can, they are worthy of all 
respect.” 


They are indeed worthy of respect, but only 
since the late twentieth century have we begun to 
understand why—aside from their sheer splendor— 
that is so. 
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Zinc sulfate 








Copper sulfate 


Let’s take a closer look at how these gardens grow. 
The usual recipe today tells you to place a crystal of 
a metal salt—the “seed’—at the bottom of a flask of 
water glass. Slowly this seed gets surrounded and 
encapsulated by a bulging membrane, as dissolved 
metal ions from the seed combine with silicate ions 
in the water glass to make an insoluble silicate. It’s 
really just a precipitation reaction of the kind we saw 
in chapter 3—but because silicate ions can link up 
into chains and sheets, they form a thin membrane. 
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Here now is the key. As the metal salt in the seed 
keeps dissolving, the concentration of metal ions in 
the water inside the membrane is greater than that 
in the solution outside it—and so water is drawn in 
through the membrane by osmosis. 

That increases the pressure inside the com- 
partment, making it swell and bulge rather as plant 
cells become taut and rigid when their sugar-rich 
contents draw water inside them. This so-called 
turgor pressure is what keeps green plant stems 


rigid. So you see, there really is a genuine similarity 
between the structures of a chemical garden and the 
plants they resemble! 

It's what happens next that creates the richness 
of shape. If the pressure of water inside the silicate 
compartment gets too high, the membrane can 
rupture. Then the metal-salt solution flows out through 
the hole into the silicate solution outside. Because 
the metal-salt solution is generally less dense than 
water glass, it rises up through the hole in a narrow 
jet. But as it encounters the silicate solution, almost 
at once a new membrane forms around it, producing 
a near-vertical column or wormlike tube. Other 
columns might sprout from this blob as it ruptures 
elsewhere, each of them rising up as if seeking the 
sky. And there’s your garden. 


“If the pressure gets too high, the 
membrane can rupture and the metal- 
salt solution flows out. Almost at once 
a new membrane forms around it.” 


The growth process can produce various shapes, 
depending on details such as the concentration of the 
water glass, temperature, and so on. You might get 
smooth-sided tubes, or ones bumpy with nodules, or 
thick, lumpy, warty forms. Air bubbles can become 
attached to the growing tip of a tube, guiding it 
straight upward like a buoyant balloon. Chemical 
gardeners may get skilled at producing one shape or 
another, but there’s always a bit of unpredictability. 
That’s gardening for you. 


These chemical sculptures challenge the notion that 
complex form demands complex, perhaps “living,” 
ingredients. This in turn highlights a theme that has 
become ever more important in chemistry over the 
past several decades: simple components—atoms, 
ions, and molecules—can in the right circumstances 
organize themselves into complicated structures, 
sometimes large enough to see with the naked eye. 
There’s a sense here of one thing leading to another, 
in a hierarchical cascade of structuring processes. 
Silicate ions have a tendency to link together; granted 
that, you can form membranes; once you have a 
membrane, it can make closed compartments; these 
may then be blown up like balloons by osmotic flow; 
their rupture leads to chimneys and branches. 


Organic: The Contortions of Chemical Gardens 317 





(@fo}or= lit (1) mera) (elatel=vantal-mel- Ua q@lllalcroweli:) 
produced by the growth structures meeting 
the glass wall of the reaction vessel 
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Zinc sulfate 


Now we’re getting closer to life itself. For what is 
ilgrctmolUlm-tie)gatow-lalem aate)(=\eqbl(o\-me)gel-lalr4laremial=)aasyo)hcts) 
on an expanding scale? Life on Earth has evolved a 
neat way of achieving this reliably and repeatedly: 
by encoding many of the instructions it needs 
into strands of DNA, to be copied and passed on 
between generations. But living organisms exploit a 
variety of other self-organizing chemical processes 
too, for example in the way lipid molecules can 
spontaneously gather into layers and hollow vessels 
(page 43). 

But when life began on our planet, there was no 
DIN VAWe-YcelUlale Mmcomexe)at=y0]imcelam (arsiiqu(eqi(o)aicw=\eleleim levy ce) 
make and organize the right molecules. There were 
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just simple chemicals, like—well, like salts, minerals, 
and water. 

In other words, like the ingredients of chemical 
gardens! Is it possible that these self-organized 
r=14U(e1(Ule=s-M tale |almarc\Ucm ar-(emxeleat=1ialiale mcome(oM Tivamtaral 
momentous event? 

Structures like chemical gardens can occur in 
nature. One of the places where they do is at regions 
on the ocean floor where fluids heated by volcanic 
activity just beneath the surface dissolve a rich 
brew of minerals before gushing out under pressure 
from fissures in the rock. These places are called 
hydrothermal vents, and many researchers suspect 
they might be where life began. 





Polyaluminum chloride 


There are several reasons to think that. The 
early Earth was a fiery place, likely to have been 
bombarded with meteorites made from the cosmic 
debris left over after planet formation, which rained 
down with the force of atomic bombs. It was not a very 
welcoming environment for something as delicate 
as the beginning of life. But the seabed would have 
been sheltered from the worst of that maelstrom. 

Life needs a source of energy, and today this 
comes almost entirely from sunlight, which plants and 
some bacteria soak up and store by photosynthesis. 
Animals can eat the plants and tap into those stores. 
But harnessing sunlight in this way is a complicated 
biochemical process. Hydrothermal vents offer an 


“Is it possible that these self-organized 
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alternative energy source: heat, but also chemical 
energy that comes from the differences between the 
high concentrations of dissolved salts in the vent 
fluids and the low concentrations in the water all 
rl colUlaremmelU le ame lamianle-\claleMiamece) aerial cole lamiomeculalcie 
like a body of water high on a hillslope: you can tap 
it to do useful work, such as turning a water wheel to 
(oldiakemexelqame)mant-l<om-)(-re14g (el \e 

Better still, you can store up the energy using 
sluice gates or dam walls, so that it can be released 
in a more controlled way. In the same way, an im- 
lof-UreValex=Me) meral=Vanl(er-\meelarex-ialte-lecelarcm | Comearclmcelelare mel 
a\v{o lee) ial= yan ar-Vinvd= 1a) Mmer=l alm el=mrexelalice)|(=xe m-lale Mm =>.4e)(e)i(=16| 
by confining it behind walls and barriers: within 
membranes. 
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So chemical gardens of inorganic tubes and 
compartments at a hydrothermal vent, produced and 
fed by salt-rich fluids coming from within the crust, 
could have acted like a chemical battery to power 
proto-living systems. 

This arrangement is after all not so different from 
how living cells get their energy. Photosynthesis 
itself ultimately drives the buildup of hydrogen ions 
on one side of a cell membrane: an imbalance in pH. 
Rather incredibly, cells do then in fact use something 
like a water wheel—made of protein and measuring 
just ten millionths of a millimeter across—to extract 
energy from this concentration gradient. The protein 
“wheel” sits in the cell membrane and lets hydrogen 
ions pass through from the high-concentration to 
the low-concentration side. In the process, the 
protein’s rotor turns and the motion allows it to 
make the energy-rich molecules that drive the cell’s 
biochemical reactions. 

A chemical garden at a hydrothermal vent, 
made from a silicate membrane, has nothing so 
elaborate at its disposal. But it has a ready-made ion 
concentration gradient from the hydrothermal fluids 
flowing into the tubes; there’s no need to set one up 
using the energy of sunlight. (That is just as well, 
for it is completely dark in the depths of the sea.) 
Researchers have figured out how pH (hydrogen- 
ion) gradients at vents with alkaline fluids might have 
powered chemical reactions that resemble some of 
those involved in the metabolism of real cells. The 
tubes and compartments growing on the vents might 
have eventually budded off into little self-contained, 
membrane-encapsulated reactors: primitive proto- 
cells. It’s still pure chemistry at that point—but on the 
road to becoming biology. 

These are still speculative ideas, but they make 
sense. And they might even be testable in the chemical 
laboratory. At any rate, we know that hydrothermal 
vents can support life even without sunlight, because 
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those on Earth today, surveyed with deep-sea 
submersibles, sometimes have rich communities of 
microorganisms, worms, shrimp, and fish. 

The question of how chemistry gave rise to 
biology was precisely what drew researchers like 
Traube and Leduc to study chemical gardens. But 
they couldn’t get very far toward an answer because 
rather little was known in their time about what the 
chemistry of life is. Today we know so much more, 
and although there are still many questions unsolved, 
we know that some of the most vital factors involved 
can—in principle, at least—be supplied by chemical 
gardens. 

So when we look at these remarkable and often 
beautiful structures, we shouldn’t be embarrassed to 
let our imagination run riot: to see trees, fungi, corals, 
forests. It may be that our intuition is a good guide 
after all, whispering to us that here lies a promise, a 
little foretaste, of life itself. After all, imagination and 
dreams are what drives science forward, and where 
its ideas are born. 
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“The question of how chemistry 

gave rise to biology was precisely 
what drew early researchers to 
study chemical gardens.” 
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Chemists have only recently discovered mechanical 
bonds, but artists have been drawing, painting, 
and carving them for thousands of years. Take 
the Borromean rings, originally used to represent 
the three wings of the Borromeo family, who were 
bankers in northern Italy during the Renaissance. 
It was the mechanical and physical beauty of this 
structure—three rings mechanically interlocked 
such that the breaking of any one ring results in 
the whole caboodle falling apart—that inspired us 
to try to make the first-ever molecular Borromean 
rings. After a decade of failed attempts, we finally 
succeeded in 2004 using an approach called 
dynamic covalent chemistry. The dynamic nature 
of the synthesis meant that, with a very small 
change in reaction conditions, we could also make 
a Solomon knot, in which two of the three rings 
present form a doubly interlocked catenane. This 
particular topology contains pairs of mechanically 
interlocked molecules that are related to each other 
as an object is to its mirror image. Like a hand and 
its image, they can’t be superimposed, and so we 
produced a 50:50 mixture of the two forms. 


The mechanical bond is an integral part of our 
everyday lives. A rattle, reminiscent of a rotaxane, 
is one of the more common examples and 
undoubtedly played a part in my own design and 
synthesis in 1991, for the first time, of a “molecular 
shuttle” based on a rotaxane. By giving the hoop 
two docking places on the axle, the molecular 
shuttle became a molecular switch, and ultimately 
led us toward molecular machines based on the 
mechanical bond. 

The journey from the playpen to being able to 
play life’s games, from understanding nature to an 
appreciation of art, from connecting the microscopic 
world to mechanical and electrical engineering, 
has been a sheer joy for me. Enjoyment is itself a 
beautiful experience, particularly when you realize 
that the physics that dictates the workings of 
micro- and nanomachines is not the physics that 
defines and controls the macroscopic world we 
know so well. Beauty is to be found in surprises 
that force us to think differently about the biological 
and molecular worlds. 


J. Fraser Stoddart 
Nobel Laureate in Chemistry, 2016 
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Patterns formed after a aig oe sodium 
silicate solution dried on the wall of a glass 
beaker: the exact mechanism of pattern 

formation here is not known, but it probably 


involves the kind of reaction-diffusion 
process discussed in this chapter 
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Thomas Pynchon’s monumental masterpiece Grav- 
ity’s Rainbow (1973) must be among the most 
chemically literate works of fiction ever written. It’s no 
surprise that Pynchon, an engineering graduate from 
Cornell, would know a thing or two about science, but 
the crazed chemical invention that laces his account 
of Nazi rocket science in the Second World War is 
almost chillingly plausible, not least in its evocation 
of the kind of experiments the Germans conducted in 
polymer chemistry that ended up saving Primo Levi’s 
life in the concentration camp. 

Almost in passing, the reader encounters this 
curious little passage: 


If the Jewish wolf Pflaumbaum had not set the torch 
to his own paint factory by the canal, Franz might 
have labored out their days dedicated to the Jew’s 
impossible scheme of developing patterned paint, 
dissolving crystal after patient crystal, controlling 
the temperatures with obsessive care so that on 
cooling the amorphous swirl might, this time might, 
suddenly shift, lock into stripes, polka-dots, plaid, 
stars of David. 


Making patterned paint that forms itself into spots 
and stripes sounds like the quest of a lunatic. But in 
fact such substances exist. 

Admittedly, they are not really paints. But there 
are mixtures of chemical ingredients that, when 
spread in a shallow layer, will gradually separate into 
evenly spaced arrays of colored spots and stripes: 
yellow on a blue background, like a psychedelic 
animal pelt. 

That isn’t an idle comparison. These chemical 
patterns, called Turing structures and first made 
experimentally in the 1990s, are believed to be a 
kind of artificial analogue of the markings picked out 
in pigments on the skins of animals such as leopards 
and zebras. The flat, scaled bodies of the Emperor 
angelfish even have stripes in the same yellow-blue 


color scheme, and they too appear to be Turing 
structures. 

These are among the most remarkable examples 
of how chemical processes can create patterns of 
striking beauty, some of which adorn the natural 
world around us. 

The emergence of regular patterns of this 
sort seems to fly in the face of the second law of 
thermodynamics, which implies that all processes of 
change tend toward states of greater disorder (higher 
entropy). It’s not easy to see how they could possibly 
be sustained in a soup of molecules all diffusing 
randomly, which would be expected to wash away 
any signs of regularity. But such chemical patterns 
reveal once again how the world may generate order 
out of chaos—how it may self-organize. 


Patterns formed after a thin layer of sodium silicate solution 
dried on the wall of a glass beaker 
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“Chemical patterns are generally 
possible only in nonequilibrium 
conditions.” 


Scientists call such pattern formation “symmetry 
breaking.” That might sound odd, because we 
usually associate regular patterns with symmetry—it 
feels as though their appearance should instead be 
a case of symmetry making. Yet the state of highest 
symmetry is complete uniformity: everything looks 
the same in every direction. We don’t tend to think 
of that bland situation as symmetrical. But once you 
acknowledge that the characteristic of a symmetrical 
object is that it looks unchanged if we transform it 
by, say, rotating it or reflecting it in a mirror, you'll 
appreciate how uniformity indeed possesses the 
highest symmetry, since any transformation like 
that then has no apparent effect. If an “amorphous 
swirl” of chemicals, the same everywhere, suddenly 
“locks” into a pattern such as a row of stripes or a 
lattice of spots (or for that matter, a field of stars of 
David), its symmetry has been lowered—which is to 
say, in some degree “broken.” 

An amorphous swirl of well-mixed substances is 
uniform but not ordered: its uniformity comes precisely 
from the fact that the molecules are distributed 
at random. The reason why self-organization in 
a chemical system like this doesn’t really defy the 
second law of thermodynamics is that the system 
has not yet reached its equilibrium state: it is out 
of equilibrium, where the rules of thermodynamics 
lack the authority to prescribe its behavior. Chemical 
patterns like Turing structures are generally possible 
only in these nonequilibrium conditions, which might 
for example mean that we must sustain them by 
constantly feeding them with fresh reagents. Left for 
a long time without any disturbance, the pattern will 
dissipate as a state of equilibrium is reached. 

Spontaneous ordering and patterning of chemi- 
cal systems has been known for over a century. In 
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1910 the Austrian-American ecologist Alfred Lotka 
explained how a brew of reacting chemicals might, 
under the right conditions, produce oscillations in the 
concentrations of the ingredients. Lotka wrote down 
mathematical equations describing hypothetical 
chemical reactions, and showed that the solutions to 
the equations could be oscillatory: one compound, 
for example, might grow in concentration over time, 
then decline, then grow again. Lotka found that these 
oscillations would gradually die out, but in later work 
he showed how they might continue indefinitely if the 
mixture was kept away from equilibrium. 

This was all theory—and Lotka was not terribly 
interested in oscillating chemical reactions anyway. 
He regarded the interactions of these chemicals as 
analogous to the way animal predators consume 
their prey in ecosystems. Lotka argued that in such 
a scenario animal populations may undergo periodic 
fluctuations too (and they do). All the same, Lotka 
suggested in a paper of 1920 that “in chemical 
reactions rhythmic effects have been observed 
experimentally.” He didn’t explain what led him to 
make that claim, but just a year later a chemist at 
the University of California at Berkeley reported 
a reaction of precisely that sort. Even though he 
offered Lotka’s scheme by way of explanation, no 
one took much notice. It seemed too peculiar. 

It wasn’t until the 1950s and 1960s that chemists 
began to take seriously the idea that chemical 
reactions, rather than progressing smoothly from 
reactants to products, could exhibit genuine 
oscillations. A Russian biochemist named Boris 
Belousov saw such a to-and-fro in a mixture that he 
concocted as an artificial analogue of the enzymatic 
breakdown of glucose in cell metabolism. But 
because his findings were then thought to violate 
the principles of thermodynamics, Belousov wasn’t 
believed; the general view was that he must have 
screwed up the experiments. 


Chemical waves in the Belousov-Zhabotinsky 
(BZ) reaction 








Target and spiral patterns in the BZ reaction. 
Notice that the wavelength of the spirals is 
smaller than that of the targets. 
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“The dish fills with a constantly 
changing pattern of concentric circles, 
growing and annihilating.” 


This attitude slowly changed when, a decade 
later, another Russian chemist named Anatoly 
Zhabotinsky in Moscow found a different set of 
reagents that produced oscillations switching 
between red and blue—back and forth, again and 
again at regular intervals. It could no longer be 
denied that chemical oscillations are real: they were 
obvious to anyone who watched this reaction, now 
known as the Belousov-Zhabotinsky (BZ) reaction. 

That’s striking enough in itself. But even more 
startling is what happens if you let the BZ reaction run 
without the stirring that will keep the mixture uniform 
at each instant. In that case, the color change doesn’t 
happen throughout the solution all at once. It begins 
in one place and spreads in waves. 

Say you have filled a Petri dish with a thin layer 
of the mixture, which begins in the red state. Here 
now appears a spot of blue—and, rather like a spot 
of mold, it expands. But at a certain point a red patch 
opens up in the center of the blue, so that there 
is now a ring of blue, growing ever broader like a 
ripple in a pond. Then a new blue spot appears in 
the center of the red patch—and soon we have two 
concentric blue rings. Another follows, and another, 
at regular intervals: a series of chemical waves, 
creating a concentric target-like pattern. 

But it’s not alone; the same has happened 
elsewhere in the fluid layer. Eventually two of these 
blue ripples meet—whereupon they vanish at the 
point of overlap, as though they have canceled 
one another. The dish fills with a constantly 
changing pattern of concentric circles, growing and 
annihilating. Sometimes these waves might take not 
a target-shaped form but spirals, rotating out from 
their central core. 


What is going on? 

The oscillations of the BZ reaction are caused 
by a phenomenon called autocatalysis, in which 
one of the products of the reaction (let’s call it A) 
acts as a catalyst that speeds up the rate of its own 
production. This is a positive feedback: the more A 
there is, the faster it appears. But that can’t go on 
forever: eventually this burst of reaction exhausts 
all the ingredients, and the production of A ceases. 
This allows the reaction to flip into another state 
that produces a different product—call it B—which 
happens to replenish the ingredients needed to 
make A. When there is a sufficiency, the formation of 
A can resume and a new cycle starts. Now suppose 
that some chemical on the “A branch” is colored 
blue, and one on the B branch is red, and we have a 
recipe for the BZ reaction’s oscillating color scheme. 

Those targets and spirals need a_ further 
ingredient: space. An autocatalytic process may run 
out of steam in one place while still proceeding in 
another, simply because the necessary ingredients 
have been used up in the former vicinity and have 
not yet been replenished by fresh reagents diffusing 
in from elsewhere. In other words, switching between 
the two branches (A and B) is now governed by a 
balance between the rate at which substances are 
consumed by reaction and are refreshed by diiffu- 
sion. Systems whose behavior is controlled by such 
a balance are called reaction-diffusion systems, and 
they are common sources of pattern in nature. 
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Progress of the BZ reaction 
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The banded patterns in minerals such as agate 
and onyx are thought to originate this way; the BZ 
target patterns might already have put you in mind 
of them. The bands are typically different types of 
mineral, and the idea is that they precipitate out of 
the hot, salt-rich fluids within the Earth in waves, 
where now the crystallization of a mineral plays a 
role similar to the autocatalytic reaction of the BZ 
mixture. 

Such processes tend to happen very slowly in 
nature, but can be mimicked in the chemical lab. 
This was known even before Lotka had described 
his oscillating chemical reactions. In 1896 a German 
chemist named Raphael Eduard Liesegang was 
experimenting with reactions of silver nitrate in 
gelatin, these being the key ingredients of the 
emulsions then used in photography—a technology 
in which Liesegang was deeply interested. He found 
that he could create concentric rings of an insoluble, 
dark silver salt when he let drops of silver nitrate 
diffuse through a layer of gel containing potassium 
chromate, with which silver reacts. If the reaction 
was carried out in a vertical glass tube filled with the 
gel, the silver nitrate being added at the top of the 
column, then the rings became a series of horizontal 
bands appearing one after another down the tube. 

Some scientists at that time were struck by how 
these Liesegang bands resembled the stripelike 
markings on animals—squint at the column with 
its pattern of light and dark stripes and you could 
imagine you’re seeing a zebra’s leg or a tiger’s tail. 
Others derided this as too far-fetched. 


Liesegang bands, formed by the reaction of silver nitrate 
with potassium chromate within a gelatin gel; the bands, 
caused by precipitation of silver chromate, form as the 
silver nitrate diffuses through the gel column from the top 
(in the images on the facing page, the bands are helical) 
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The bands of agate are thought to be formed in a Liesegang- 
like process by the periodic precipitation of different forms of 
338 Chapter 10 silica as the crystals grow from a hot solution of silicate 





Rings and bands formed by sodium silicate solution 
drying on a glass surface 
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Liesegang rings formed as a central droplet of silver nitrate 
diffuses into a layer of gel containing potassium dichromate 
in a Petri dish 


“This dappled pattern was strikingly 
reminiscent of the random dark 
blotches on the hide of a cow or a 
dalmatian dog.” 


340 Chapter 10 


NS an ge 


But it wasn’t really—for Turing patterns, now 
strongly suspected of being evident in animal 
markings, are a kind of reaction-diffusion pattern 
too. Unlike the chemical waves of the BZ reaction, 
however, these spots and stripes don’t move; they 
are stationary patterns. 

They are named for the man who first predicted 
them in 1952: the British mathematician Alan Turing, 
better known as a pioneer of the digital computer and 
as the codebreaker who worked to crack the German 
Enigma code at Bletchley Park in England during the 
Second World War. 





Turing’s interest in patterns and self-organization 
was sparked by another symmetry-breaking process: 
the emergence of a “body plan” from an embryo, 
which seems to start out as a perfectly spherical 
(and thus symmetrical) object. How can one part of 
this blob of cells “decide” to be the head, another the 
torso, and with progressive elaboration grow fingers, 
toes, organs? 

Turing didn’t know what Belousov was up to 
at that same time in the Soviet Union, but he hit 
on the same ideas that eventually explained the 
Russian biochemist’s observations. In fact, it was 


in Turing’s seminal paper on pattern formation that 
the terminology of reaction-diffusion processes was 
coined. 

Turing supposed that embryonic development 
might be governed by biological molecules that he 
called morphogens (“shape-formers”), which diffuse 
through the cells and somehow activate genes 
that control development. The question is how the 
embryo ends up with genes switched on in one part 
but not in another. 

Turing presented a theory showing how a 
combination of reaction and diffusion of morphogens 
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could explain this. Again the mechanism depends 
on feedbacks on the (morphogen) reaction rates 
caused by catalysis, and on the rates of diffusion. It 
wasn’t obvious at first what the key characteristics 
of his equations were, but later researchers 
showed that there were two main ingredients in the 
process. One morphogen behaves as an activator, 
autocatalytically producing more of itself. Another 
acts as an inhibitor that disrupts this runaway 
amplification of the activator. If the inhibitor diffuses 
faster than the activator, the result is that local 
“islands” of activator can appear in a sea of inhibitor: 
the mixture becomes patchy. Turing presented a 
sketch of what this “dappled” pattern might look like: 
strikingly reminiscent of the random dark blotches on 
the hide of a cow or a dalmatian dog. 

Once computers were available to perform the 
calculations that Turing had to do by hand, it became 
clear that in fact his scheme generates islands that 
are more or less evenly spaced, and which can take 
the generic forms of either spots or stripes. There’s 
a lot of regularity to these patterns: the stripes 
lie parallel and the spots may be arranged in the 
triangular formation of packed spheres. But these 
arrays are often filled with “defects”: stripes may 
bend and merge, the spots break ranks. If anything, 
this injection of a little disorder only increases the 
resemblance to animal marking patterns. 

Researchers have now devised Turing-type 
theoretical schemes that can produce patterns 
very much like those on a wide range of animals: 
the rosette-type spots of jaguars, the crazy- 
paving networks of giraffe pelts, the merging and 
fragmentation of spot and stripe-type formations on 
tropical fish such as the whale shark. On emperor 
angelfish, a Turing-type patterning process can 
account for how yellow stripes can seem to “unzip” 
into pairs as the creature grows. 
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All this makes it seem highly likely that such 
animal markings are indeed produced by Turing- 
type chemical patterns. The idea is that the patterns 
in skin or hair pigmentation are laid down at the 
embryonic stage, when morphogen molecules in the 
body switch pigment-producing genes on or off, and 
then this fixed pattern simply grows bigger with the 
animal. However, no one has yet managed to find a 
molecule that might act as such a morphogen, so the 
case is not yet definitely proven. 

Still, it's now widely accepted that Turing’s 
process produces other types of pattern in living 
organisms. The quasi-regular, evenly spaced hair 
follicles of mammals seem to be positioned this way, 
as are the parallel ridges of a dog’s palate. Here, 
morphogens turn on not pigment genes, but rather 
genes involved in generating some body or tissue 
structure. 

Traveling chemical waves and stationary Turing 
patterns are likely also to paint the ornate markings 
seen on seashells, where light and dark areas are 
created along the growing rim of the shell. As the shell 
grows, these regions become drawn out into a frozen 
record of patterns past: stationary patches on the 
rim become stripes, while moving patches turn into 
V-shaped chevrons. Reaction-diffusion processes 
involving morphogens that control coloration are 
also believed to give rise to the spectacular patterns 
on butterfly wings. Evolution takes these pattern- 
forming schemes and tweaks them for adaptive 
purposes, fashioning them into camouflage or 
allowing one species to mimic another to ward off 
predators with a pretense of being poisonous. 
There is after all no conflict between the operation 
of spontaneous pattern-forming processes in nature 
and the imperatives of Darwinian natural selection. 
Far from it; chemical reaction-diffusion schemes 
might supply the basic palette with which evolution 
can paint a thousand useful wonders. 


“Chemical reaction-diffusion schemes 


Liesegang rings formed as a central droplet of silver nitrate ° : 3 
diffuses into a layer of gel containing potassium dichromate § might supply the basic palette with 


ina Pei aien which evolution can paint a thousand 
useful wonders.” 
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The end result of a Liesegang process involving a drop 


of silver nitrate diffusing into a gel laden with potassium 
chromate 
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Liesegang rings formed from the reaction of lead nitrate 
diffusing from the central droplet into a gel perfused with 
potassium iodide 
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Patterns on the shell of the sea snail Conus marmoreuse 


Pigment patterns on a shell of the venomous 
sea snail Conus textile 
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A pattern made in the process identified by Runge: two 
droplets of iron trichloride are added to blotting paper and 
allowed to dry, then two droplets of potassium ferrocyanide 
are added on top, producing the blue iron ferrocyanide 


Chemists have been fascinated by patterns for pretty 
much as long as their discipline has formally existed. 
The laws governing “morphology’—the formation 
of shape—obsessed the early nineteenth-century 
German polymath Johann Wolfgang von Goethe, 
who sought them in particular in botany. Goethe’s 
rather mystical ideas infuse the book published in 
1855 by his friend, the chemist Friedlieb Ferdinand 
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Runge, the German title of which might be loosely 
translated as The Drive to Formation of Matter. 
Runge presented stunning images created by 
chemicals placed on blotting paper: patterns that he 
considered to show the chemical elements somehow 
determining their own forms and destinies. 

Runge was a leading chemist of his day, an 
expert on organic “natural products” extracted from 
poisonous plants such as belladonna, and also on 
the chemistry of color. He investigated the black 
tarry substance called coal tar, a residue of coal gas 
production, from which were obtained the organic 
chemicals used to make so-called coal tar dyes 
which launched the modern chemicals industry. 





In the course of his studies, Runge found 
(probably by chance) that solutions of colored salts 
dropped onto one another on blotting paper would 
spread to produce complicated, kaleidoscopic blots. 
Some looked like lichen on rock, others like eyes, 
flowers, banded agates. “Here was shown,” he 
wrote, “at once a new world of formations, shapes 
and mixtures of color which | had, of course, never 
thought of before, never even suspected, and 
therefore whose actuality surprises all the more.” 

In Runge’s patterns, reaction and diffusion are 
again doing their work, this time under the influence 
of the fibers of the paper along which the chemical 
solutions wick by capillary action. He presented some 


Another of Runge’s chemical patterns, made by adding 
potassium ferrocyanide onto dried droplets of copper 
sulfate 


of these images, pasted in by hand, in his 1850 book 
On Color Chemistry, where he hoped they might 
inspire painters, decorators, and textile printers. It 
was in the sequel, The Drive to Formation of Matter, 
five years later that Runge alluded to Goethe’s ideas 
about the “formation” or shaping influence—what the 
Germans call Bildung—that he considered to be a 
fundamental driving force of nature. An agency like 
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A “Runge figure” made by depositing droplets of lead nitrate A Runge figure made from copper sulfate, iron sulfate, 
onto a dried droplet of potassium dichromate and potassium ferrocyanide 





A Runge figure made by adding silver nitrate onto dried A Runge figure made by adding potassium chromate onto 
droplets of potassium chromate dried droplets of silver nitrate 


“For Runge it was almost as though 
the elements were itching to organize 
themselves into living matter.” 
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A Runge figure made from manganese sulfate 
and potassium chromate 


this, Runge wrote, “inhabits the elements from the 
very beginning,” and he suspected it was the root of 
the “life force that is active in plants and animals.” 
For Runge this gave chemistry an inherent 
creativity of its own, beyond anything the chemist 
might impose. It was almost as though the elements 
were itching to organize themselves into living matter. 
We might use different words today, but the 
appearance of reaction-diffusion patterns does lend 
some support to the view that nature has a sort 


of spontaneous impulse for creativity and variety 
waiting to emerge when the conditions are favorable. 
We can explain most if not all of what goes on in 
these chemical patterns using hard-nosed math and 
well-established rules of physics and chemistry. And 
yet this sober analysis won’t extinguish the awe we 
feel as we watch a spiral wave unscroll or a chemical 
mixture resolve itself into a field of leopard spots. 
When nature reveals what it can do, we’re right to 
be entranced. 
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Patterns formed from sodium silicate drying 
on a glass surface 
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POSTSCRIPT: ART, WONDER, AND SCIENCE 


People who develop an abiding and deep fascination 
with chemistry often talk about their attraction to its 
aesthetic aspects. Here is the writer and neurologist 
Oliver Sacks on his passion for metals: 


to deformation of the crystal structure,” she said, 
forgetting that | was five, and could not understand 
her—and yet her words fascinated me, made me 
want to know more. 


| loved the yellowness, the heaviness, of gold. My 
mother would take the wedding ring from her finger 
and let me handle it for a while, as she told me of its 
inviolacy, how it never tarnished. “Feel how heavy 
it is,” she would add. “It’s even heavier than lead.” 
| knew what lead was, for | had handled the heavy, 
soft piping the plumber had left one year.”.”.”. It 
was the same with copper—people mixed it with 
tin to produce bronze. Bronze!—the very word was 
like a trumpet to me, for battle was the brave clash 
of bronze upon bronze, bronze spears on bronze 
shields, the great shield of Achilles.”.”.~. | knew 
copper, the shiny rose color of the great copper 
cauldron in our kitchen—it was taken down only 
once a year, when the quinces and crab apples 
were ripe in the garden and my mother would stew 
them to make jelly. 

| knew zinc: the dull, slightly bluish birdbath 
in the garden was made of zinc; and tin, from the 
heavy tinfoil in which sandwiches were wrapped 
for a picnic. My mother showed me that when tin 
or zinc was bent it uttered a special “cry.” “It’s due 


These characteristics are what make the 
business of chemistry such a rich experience for 
the senses, as Nobel laureate Robert Woodward 
attested: 


It is the sensuous elements which play so large a 
role in my attraction to chemistry. | love crystals, the 
beauty of their form—and their formation; liquids, 
dormant, distilling, sloshing; swirling, the fumes; 
the odors—good and bad; the rainbow of colors; 
the gleaming vessels of every size, shape, and 
purpose. Much as | might think about chemistry, 
it would not exist for me without these physical, 
visual, tangible, sensuous things. 


That chromatic rainbow is what appeals to many 
lovers of chemistry. Oliver Sacks said of his father’s 
home surgery that “it looked like an old-fashioned 
chemist’s shop in miniature,” with “potions and 
cordials in cherry red and golden yellow, and colorful 
liniments like gentian violet and malachite green.” 

Chemistry is notoriously smelly too, and that is 
what delighted Primo Levi: 


| have often suspected that, deep down, the 
motives for my boyhood choice of chemistry were 
different from the ones | rationalised and repeatedly 
declared. | became a chemist not (or not only) from 
a need to understand the world around me; not in 
reaction to the cloudy dogmas of Fascism; and not 
in the hope of riches or scientific glory; but to find, 
or create, an opportunity to exercise my nose. 


Chemistry is full of aromatic delights: the pear- 
drop scent of esters, the invigorating almond tang 
of benzaldehye. Industrial laboratories are devoted 
to making new perfumes to arouse the senses— 
and the passions. William Perkin, one of the great 
pioneers of synthetic organic chemistry, who created 
the first coal tar dye (mauve) in the mid-nineteenth 
century, spent the last years of his career trying to 
make the compound coumarin, a common ingredient 
of perfumes and vanilla substitutes, which has the 
aroma of new-mown hay. Not all of chemistry’s 
smells are aesthetically pleasing, of course: a strong 
whiff of ammonia, chlorine, or sulfur dioxide will 
send you reeling, and these gases are poisonous if 
inhaled too much. 

The sensual facets of chemistry don’t end 
there. Taste is a chemical faculty of the body, which 
alongside smell mediates the ‘avor of foods. Many 
chemists in the past would taste compounds to help 
identify them—a hazardous method, to say the least. 
It’s a tactile affair too. Students are taught that alkalis 
feel slippery to the touch, because they convert fatty 
molecules on the surface of the skin to soaps. There’s 
a thrilling heft to a highly dense metal like osmium, 
as though it has somehow focused and magnified 
gravity itself. Anyone who has poked a finger into a 
glass of liquid mercury—not an activity encouraged 
in schoolchildren today, given the metal’s toxicity— 
will never forget the unearthly sensation of this 
dense, glistening liquid that will not wet the skin. 
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We have seen in these pages some of the 
dangerous allure of chemistry’s capacity for bangs 
and flashes. Magnesium flares too brightly for 
the eye to behold, and in fireworks this incendiary 
behavior is lent flair and color by a sprinkling of 
other metals. Chemistry students learn early on to 
recognize the squeaky pop of hydrogen igniting in 
an inverted test tube after being collected from the 
bubbles released when an acid does its work on a 
reactive metal like magnesium or zinc. For the more 
enthusiastic thermobaromanics (people who like 
explosions), there are recipes aplenty that will furnish 
a loud retort, of varying degrees of peril; nitrogen 
tri-iodide is a favorite for the school prankster, the 
brown residue on a filter paper producing a puff of 
purple iodine smoke as it detonates when given a 
sudden impact. 

There is surely no other branch of science in 
which these aesthetic attributes inhere in the very 
essence. They are not incidental but central to 
chemistry, and without question among the features 
that induce people to study the discipline. Scientists 
as a whole, but perhaps chemists in particular, seem 
guided by impulses beyond the purely intellectual. If 
physicists express awe and wonder at the beauty (as 
they perceive it) of their equations and concepts, and 
biologists have been captivated by the rich diversity 
and inventiveness of the natural world, chemists 
display the greatest creativity: the urge to make. Their 
instruments, their flasks and vessels and measuring 
devices, have often been far more beautiful than 
they have any real need to be, disclosing an impulse 
to satisfy an instinctive artistic as well as a practical 
and cerebral urge. 

It's not uncommon to see these aspects of the 
craft dismissed: all very well for attracting the young 
student, but too trivial to sustain their interest for 
long. Yet this isn’t really what happens. Professional 
chemists are often to be found indulging their 


sensual delights, even if they do it a little guiltily. 
Color changes may offer a pleasing indication that 
chemical transformation has occurred. Microscope 
images of crystals or thin layers of material displaying 
the property of birefringence (where the bending of 
light depends on the direction of its travel and its 
polarization) become kaleidoscopic wonderlands. 
Atoms and molecules may arrange themselves 
spontaneously into complex forms over many different 
size scales, as if sculpted by microscopic hands. For 
all that these visual forms convey useful information 
or suggest practical applications, there is no question 
that chemists enjoy them in their own right. 

We can turn this viewpoint on its head: if chem- 
istry possesses aesthetic qualities, then taking a 
sensual pleasure in the world around us can draw us 
to chemistry. All it needs is a curiosity and receptivity 
to the sensations that surround us. Why is this 
material transparent and stretchy, that one stiff and 
reflective? Where do these colors come from? What 
is that smell that arises each time it rains? Why is 
my coffee bitter, and why do | like it? Soon enough, 
questions like these become questions about 
chemistry—which is to say, about what substances 
are made of, how their atoms and molecules are 
arranged, how they interact and react with one 
another. They are questions about the fine-grained 
texture of things. 

To wonder about such issues, you need first 
to notice. Science does not, as is sometimes said, 
disenchant the world, but on the contrary it re- 
enchants: it requires a willingness to find strangeness 
and surprise in the mundane. Once you start asking 
questions, there is little chance you will exhaust 
them. We have, for example, admired flowers since 
antiquity, but as we saw, there are still plenty of gaps 
in our understanding of how their colors are formed, 
let alone what purpose they serve in guiding the plant 
along the discerning byways of evolution. Chemists 


are still finding the unexpected in what appear to be 
the simplest of objects: a water molecule, a hydrogen 
atom, a subatomic proton. All these studies, all these 
questions, have begun from what we can see, hear, 
feel: from our own concrete reality and the way it 
invites our attention and appreciation. 


“Science requires a willingness to 
find strangeness and surprise in the 
mundane.” 


For the chemist, this vision of reality simply 
extends further than we normally perceive: down 
into the microscopic realm that some of the images 
in this book explore, and even further, into the world 
beyond the visible where we know that the apparent 
continuity of matter begins to resolve itself into 
individual molecules and atoms. The aesthetic sense 
doesn’t abandon us even here. Like an architect 
making a house, the chemist making molecules has 
artistic standards. She will not be happy to do the job 
any old how. She wants to make objects to a given 
specification, for a specific function, but also that will 
please her fellow molecular architects. 

Chemists have devised clever methods of 
uniting atoms and assembling molecules just so, and 
the masters and mistresses of this art of chemical 
synthesis are admired and celebrated just as great 
artists are—at least by other chemists. There is a 
valid notion of molecular aesthetics: the issue of 
how artistically pleasing molecules may be. Francis 
Crick and James Watson both pronounced the 
double-helix structure of DNA “beautiful’—but they 
did so only in private, for back in the 1950s such 
expressions of exuberance were not welcomed 
in the austere annals of science. That is changing 
(albeit too slowly) today. 
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We want this book to be a part of that change. 
We want to recognize the beauty of chemistry not 
as an incidental byproduct of this most useful of 
the sciences, but as an inevitable, valuable, and 
important part of it. We invite you to share this 
wonder, and also to recognize that it is available 
to everyone. As the chemist and astronomer John 
Herschel put it in the nineteenth century: 


To the natural philosopher there is no natural 
object unimportant or trifling”... a soap bubble™.”.”. 


an apple’.”.”. a pebble.”.”.”. He walks in the midst of 
wonders. 
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APPENDIX: MOLECULES AND STRUCTURES 


Throughout this book we have sought to convey the 
wonder and delightfulness of the forms, patterns, 
and structures that emerge in chemical processes, 
and which we can see with our own eyes—perhaps 
with a bit of help from the magnifying glass, the 
microscope, the thermal camera. 

But underneath all this richness, as we have 
intimated, lie atoms and molecules, the fundamental 
building blocks of chemistry. “Building blocks” is a 
clichéd term, but we’re using it nonetheless because 
itis so inescapably apt. Chemistry is a// about building 
with these ingredients. Nature, as Nobel laureate 
Frances Arnold so eloquently describes (p. 37), builds 
them into molecules such as proteins and DNA, 
and from these constructs cells and organisms. We 
humans are far less adept at molecular construction, 
but we are getting better all the time. In his novel 
The Wrench, Primo Levi drew an explicit analogy 
between the profession of the construction engineer 
who makes bridges and that of the synthetic chemist 
who makes molecules. In Levi’s story, the narrator 
tries to describe to the engineer Faussone why their 
jobs have so much in common: 


My profession’... the profession | studied in school 
and that has kept me alive so far is the profession 
of the chemist’.”.”. it’s a bit like yours, only we 
rig and dismantle very tiny constructions .”.”. the 
things we handle are too small to be seen, even 
with the most powerful microscopes: so we’ve 
invented various intelligent gadgets to recognize 
them without seeing them.”.”.”. But we are still 
blind, even in the best circumstances, that is, with 
structures that are simple and stable. Blind, and 
we don’t have those tweezers we often dream of at 
night, the way a thirsty man dreams of springs, that 
would allow us to pick up a segment, hold it firm 
and straight, and paste it in the right direction on 
the segment that has already been assembled. If 
we had those tweezers (and it’s possible that, one 
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day, we will), we would have managed to create 
some lovely things that so far only the Almighty has 
made, for example, to assemble—perhaps not a 
frog or a dragonfly—but at least a microbe or the 
spore of a mold. 


We believe, therefore, that it would be a shame 
not to give you a glimpse of what these atoms and 
molecules, on which chemists exercise and extend 
their constructional skills, look like. 

But there is a problem. We can’t photograph 
these objects. It’s true that things have come a long 
way since Levi wrote The Wrench, and today we are 
creating not only tools a bit like those tweezers his 
narrator dreamed of but also cameras to show us the 
atomic world. There are, for example, instruments 
called scanning probe microscopes that can show 
us single molecules, revealed as blurry blobs or as 
frameworks of struts (representing chemical bonds) 
that look astonishingly like the schematic diagrams 
of molecules that chemists have drawn for over a 
century. 

Yet is this what molecules look like? Not really. 
They are images made by computers based on 
measurements made by sophisticated instruments. 
Molecules are not ever something we can see in 
the same way that we can see a flower, or even the 
cells of a leaf under the microscope. Remember our 
description of light as an electromagnetic wave? 
Well, the problem here is that the size of a single 
wave is much, much bigger than the size of a typical 
molecule, let alone the individual atoms it contains. 
This means that the visible light to which our eyes 
respond can never disclose a molecule, any more 
than we can paint a miniature portrait the size of a 
thumbnail with a wallpaper brush. There is no “way 
a molecule looks” in the normal sense of the term. 

What we can nevertheless do is work out how 
atoms are arranged in molecules. We saw in chapter 
2 that X-ray crystallography is one of the oldest and 


best ways of doing that. Even today it is the standard 
tool for figuring out the shapes of molecules and 
crystals, the disposition of their atoms. Once we know 
how the atoms are positioned, we can use computer 
graphics to represent that structure. Typically this 
will involve showing atoms as balls—hard, glistening 
spheres perhaps, of a particular color that denotes 
the chemical identity of the atom concerned—as if 
glued together, or perhaps united by sticklike struts 
representing the chemical bonds. 

These are totally fictitious modes of repre- 
sentation. Atoms are not exactly colored (although 
they may give rise to colors, as iron atoms do in the 
hemoglobin protein molecules of our red blood), and 
they are certainly not shiny—that notion only makes 
sense at human scales. They are not hard, and they 
don’t have well-defined surfaces and edges. Still, 
representations like these offer some sense of the 
shapes of molecules—and we may find that these 
shapes are sometimes aesthetically pleasing, even 
beautiful. 

In this appendix we show some of them. For 
the first and only time in this book, what we are 
therefore showing is not a “real” picture of the world 
but more of a cartoon, created artificially by graphics 
packages, which offers an artist’s impression of how 
we might think about it. We don’t apologize for doing 
that, however, because molecules and atomic-scale 
structures are a part of the beauty of chemistry too. 
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This is the molecule in aspirin that allows it to act as a painkiller. 
Here (and subsequently, on the whole) the gray spheres denote 
carbon atoms, the white spheres are hydrogen, and the red 
spheres are oxygen. The chemical formula is C,H,O,, as you 


9 874? 
can deduce by counting up the spheres. 
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This is vancomycin, a molecule used as a common 
antibiotic. It is produced by a kind of soil bacterium, and it 
shows how complicated such “natural product” molecules 
can be. The light blue atoms are nitrogen, the green ones 
are chlorine. 
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This is a molecular structure called a catenane, in which 
two ring-shaped molecules are interlinked. The colors here 
don’t denote particular types of atom, but instead are used 
to highlight the two distinct rings. The two rings can’t be 
separated without breaking chemical bonds—which is 
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why chemists aren’t completely agreed about whether 
catenanes should be considered single molecules (linked 
by “mechanical” as well as chemical bonds) or two linked 
molecules. These catenanes are artificial molecules made 
by synthetic chemistry; it was the synthesis and study of 
such molecules that won Fraser Stoddart the Nobel prize. 





A molecule of buckminsterfullerene (C,,), in which 
precisely 60 carbon atoms are linked into hexagonal 
and pentagonal rings that make a hollow, more or less 
spherical shell with the same pattern of hexagons and 
pentagons as on a soccer ball. The molecule is a little 
under one millionth of a millimeter in diameter. 
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This is a representation of a single Dengue virus—the virus 
responsible for Dengue fever. Each of the colored blobs is 
a single protein molecule, and they are packed together in 
the virus’s “coat” in a highly symmetrical way, a structure 
that is typical of viruses. Inside the coat (and out of sight 
here) sits the genetic material of the virus, encoded in the 
nucleic acid RNA. 
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Here is the DNA molecule, which carries the genes that 
are passed on between generations for all living organisms 
from bacteria to humans. It contains two strands, each a 
single chainlike molecule (shown here in green and gray), 
which twist around one another in the famous double 

helix. In our cells, the entirety of our genetic material 

(the genome) is divided into 46 separate pieces of DNA, 
which are packaged up with protein molecules in the 
chromosomes. 
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The diamond crystal is elegant simplicity itself. Every atom 


here is carbon. 


This is one slice through the atomic lattice of an emerald 


crystal. Here the small blue atoms are aluminum, and the 


small green ones are beryllium. 
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The crystal structure of sodium chloride (table salt). The 
blue balls are sodium ions, the white are chloride ions. The 
square symmetry of this structure is reflected in the square 
facets of the faces of a salt crystal. 
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The structure of a thin slice of ordinary glass (silica). White 
atoms are oxygen, blue are silicon. Here the atoms aren’t 

stacked into an orderly lattice—the structure is disordered. 
All the same, you might notice that certain motifs, such as 

rings of five or six atoms, recur throughout. 
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GLOSSARY 


(Terms deyned elsewhere in the glossary are 
shown in italics.) 

Acid-base reaction: a chemical reaction in which 
an acid and a base react together, neutralizing their 
acidity and alkalinity (and usually forming a salt). 
Alpha helix: a helical structure often found as part of 
the folded chain of proteins. 

Amphiphile: a molecule that has both hydrophilic 
and hydrophobic parts. 

Anthocyanin: a class of pigments responsible for 
the rosy red colors of some plants. 

Base: a chemical substance that forms alkaline 
solutions. 

Carotenoid: a class of pigments that produce red 
and yellow colors in plants. 

Catalyst: a molecule or substance that is able to 
speed up the rate of a chemical reaction. 

Chemical garden: a complex structure formed when 
a metal silicate compound precipitates from solution 
as a thin membrane. Typically these structures grow 
into organic-looking tubes and other forms. 
Chlorophyll: the pigment primarily responsible 
for absorbing sunlight in green plants to begin the 
process of photosynthesis. 


Chromosome: a large molecular structure in which 
some of the DNA of a cell is gathered together, along 
with proteins that help to “package” it. 

Compound: a chemical substance containing more 
than one kind of element. 

Corrosion: the degradation of a surface (generally 
of a metal) caused by chemical reactions with 
substances in its environment, such as air and water. 
Crystal structure: the way in which atoms are 
arranged in a crystal. This could refer to the way 
atoms are packed in an “extended” solid like a gem 
or a metal, or the way they are arranged in individual 
molecules when packed together into crystals. 
Denaturation: the process in which a _ protein 
unravels from its compact, folded form. 

Dendritic growth: the process by which crystals 
grow as snowflake-like branches. 

Displacement reaction: a chemical reaction in which 
one reactant is replaced by another: for example, 
when one metal displaces another in a salt. 

DNA: the molecule in all living cells that carries the 
genes, the “instructions” for making proteins that 
are inherited when a cell divides or an organism 
reproduces. It has a structure in which two chainlike 
strands wind around one another in a double helix. 


Electrodeposition: the growth of a metal on the 
surface from a solution of its ions, driven by an 
electric current. 

Electrolysis: the splitting apart of a chemical 
substance, generally into its constituent elements, 
using an electrical current. 

Electromagnetic spectrum: the gamut of possible 
types of electromagnetic radiation, ranging from 
radio waves (with long wavelengths), through visible 
light, to X-rays and gamma rays. 

Electron: one of the fundamental particles that make 
up atoms. Electrons are much lighter than the two 
other particles (which sit in the atom’s nucleus), and 
they form clouds of negative charge around that 
nucleus. 

Element: one of the basic building blocks of all 
chemical matter: a chemical substance that can’t be 
split into a simpler one. Each element is constituted 
from a different kind of atom. 

Endothermic reaction: a chemical reaction that 
takes in heat from its surroundings, making them 
colder. 

Entropy: a measure of how much disorder there is in 
a system—more strictly, how many indistinguishable 
ways its constituent parts can be arranged. 
Enzyme: a protein that acts as a catalyst, helping a 
biochemical reaction to occur in living cells. 
Exothermic reaction: a chemical reaction that 
produces heat. 

Flocculation: the clumping together of fine particles 
within a liquid. 

Fractal: a shape that looks essentially the same at 
increasing scales of magnification. 

Free radical: an atom or molecule containing an 
electron that is not paired with another either in a 
chemical bond or a Jone pair. Such entities are 
generally very chemically reactive. 
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Fullerene: a molecule made entirely from carbon 
atoms, joined into a closed spherical or ovoid cage 
built up from hexagonal and pentagonal rings of 
atoms. 

Hydrocarbon: a compound containing just the ele- 
ments carbon and hydrogen, joined into molecules. 

Hydrogen bond: a kind of weak chemical bond in 
which hydrogen atoms on one molecule (or part of 
a molecule) are attracted to electron /one pairs on 
another molecule (or part thereof). 

Hydrophobic and hydrophilic: adjectives describing, 
respectively, molecules (or parts thereof) that repel 
or attract water. 

Indicator: a chemical substance that shows the pH 
of a solution by changing color in acidic and alkaline 
conditions. 

lon: an atom or molecule that bears an overall 
electrical charge, either positive or negative, because 
of an imbalance of protons and electrons. 

Le Chatelier’s Principle: the precept that if some 
change (in temperature or pressure, say) is made 
to the conditions of a chemical system that has 
reach equilibrium, the system will adjust to a new 
equilibrium state that counteracts the change. 

Lone pair: a pair of electrons attached to an atom 
(generally as part of a molecule) that are not involved 
in forming strong chemical bonds. 

Melanin: a class of pigments that cause black, 
brown, and tawny coloration in mammal hair and 
skin. 

Molecule: a group of two or more atoms joined 
together by chemical bonds. 

Neutron: one of the two subatomic particles that 
make up an atomic nucleus. It has no electrical 
charge. 

Nucleation: the process by which crystals start to 
grow through the formation of a tiny “seed.” The 
word can also refer to the growth of other particles, 
for example liquid droplets in air, from a small initial 
“nucleus.” 


Nucleus (atomic): the dense blob of matter at the 
center of an atom, where most of its mass resides. 
This consists of the subatomic particles protons and 
neutrons. (Not to be confused with the “nucleus” of 
nucleation!) 

Oxidation: initially this meant the reaction of a 
substance with oxygen. But more generally it refers 
to the loss of electrons from the substance. 
Periodic table: a way of arranging and organizing 
the chemical elements to show the similarities in 
their chemical properties. 

pH: A measure of the acidity of a solution. The lower 
the pH, the more acidic the solution is. Pure water, 
which is neither acidic nor alkaline, has a pH of 7 
units. 

Photon: the “particle” of light—a sort of package of 
light energy, with a characteristic wavelength that 
determines the light’s color. 

Photosynthesis: the process in which plants (and 
some bacteria) convert carbon dioxide in the air into 
sugar molecules, using the energy of sunlight to 
drive the reactions. 

Pigment: a compound that imparts color because it 
absorbs some wavelengths of visible light strongly. 
Polar group: a part of a molecule that bears an 
electrical charge. Molecules in which there is more 
positive charge in one part and more negative charge 
in another are said to be polar. 

Precipitation: the formation of a solid, insoluble 
substance in a chemical solution. 

Protein: a molecule consisting of chains of amino 
acids, generally folded into a compact shape. 
Proteins are one of the key molecules of life. 
Proton: along with the neutron, the subatomic 
particle that makes up an atomic nucleus. It has a 
positive electrical charge. 

Redox reaction: a chemical reaction involving the 
transfer of electrons from one reactant (which is then 
oxidized) to another (which is reduced). 


Reduction: the process in which an atom or molecule 
gains electrons. 

Salt: a generic term for an ionic compound 
composed of positively charged ions of a metal and 
negatively charged ions composed of (or containing) 
nonmetals. Table salt (sodium chloride) is just one 
example. 

Solubility product: a mathematical way of writing 
how soluble an jonic substance is. 

Solute: a substance dissolved in a solvent. 
Solution: a liquid (typically, but not necessarily, 
water) containing a dissolved chemical substance. 
Solvent: a fluid that will dissolve another substance. 
Supersaturation: the state of a solution that contains 
more dissolved substance than it could hold under 
normal circumstances. 

Surface tension: a kind of force that pulls liquid 
surfaces into the smallest area possible in the 
circumstances. It can be thought of as giving the 
liquid something like a “surface skin.” 
Thermodynamics: the branch of science concerned 
with how energy is transformed from one form to 
another and how heat moves around. 

Voltaic pile: an early type of battery, consisting of 
plates or disks of two different metals stacked on 
top of one another, and alternatingly separated by 
sheets of material soaked in an electrolyte solution. 
X-ray crystallography: a technique for deducing the 
structure of crystalline chemical substances—finding 
out how their atoms are arranged—by bouncing X- 
rays off them. 
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